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ABSTRACT 
 
Global water consumption has been increasing due to population growth.  
Accordingly, water recycling is a good strategy to compensate for the increased water 
demand.  The overall objective of this study was to investigate the feasibility of using 
titanium dioxide (TiO2)-photocatalysis to recycle graywater in a simplified model system.  
We evaluated effects of three major parameters, including pH, inorganic anions, and 
surfactants, on the photocatalytic degradation of aqueous ammonia (NH4+/NH3) in 
graywater in a bench scale reactor.  Our results show that higher initial rates of NH4+/NH3 
photocatalytic oxidation were obtained in higher pH solutions, and the initial rates were 
proportional to the initial concentrations of neutral NH3, and not total NH3 (i.e., [NH4+] + 
[NH3]).  We conducted experiments on the effects of four inorganic anions (Cl-, SO42-, 
H2PO4-/HPO42-, and HCO3-/CO32-) on NH4+/NH3 degradation at pH ~9 and ~10 and 
nitrite (NO2-) oxidation over the pH range of 4-11.  Cl-, SO42-, and HCO3- had no effect 
on NH4+/NH3 and NO2- photocatalytic oxidation at pH ~9 and ~10, whereas CO32- slowed 
NH4+/NH3 but not NO2- photocatalytic oxidation at pH ~11.  While HPO42- enhanced 
NH4+/NH3 photocatalytic oxidation at pH ~9 and ~10, H2PO4-/HPO42- inhibited NO2- 
oxidation at low to neutral pH values.  Photocatalytic oxidation of NH4+/NH3 to NO2- is 
the rate-limiting step in the complete oxidation of NH4+/NH3 to NO3- in the presence of 
common wastewater anions at pH > 9.  As for surfactants, their degradation rates were 
faster than that of NH4+/NH3 at pH ~10.1. Surfactant significantly slowed the initial rates 
of NH4+/NH3 degradation, with the detrimental effect increasing in the order sodium 
dodecylbenzene sulfonate (SDBS) < cetylpyridinium chloride (CPC) < nonylphenol 
 xii
polyethoxylate (10) (NP10).   Adsorption of surfactants could not explain the slower 
initial rates of NH4+/NH3 photocatalytic degradation in the presence of 2 × 10-5 M 
surfactants.  We concluded that formation of hydroxyl radical (·OH) scavengers, 
including formate and carbonate, from the photocatalytic degradation of surfactants was 
the main reason for decreasing initial rates of NH4+/NH3 degradation.  Our results show 
that TiO2 photocatalysis can remove both carbonaceous and nitrogenous biological 
oxygen demand (CBOD and NBOD), which has implications in graywater recycling.    
 
Key words: Aqueous ammonia, Titanium dioxide, pH, Inorganic anions, Surfactants, 
Hydroxyl radicals, Graywater. 
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CHAPTER 1 
Introduction 
1.1. Motivation of This Research 
According to the United Nation population fund (UN FPA, 2001), global water 
consumption has increased six-fold over the past 70 years, due to population growth, 
industrial development, and increased use of irrigation.  Accordingly, if we can properly 
treat wastewater, it could ultimately be used for agriculture purpose and groundwater 
recharge, or even for indirect sources of drinking water.  This could alleviate the 
increasing water demand in the world.  In addition to the increased water demand, there 
are many drought areas in the world, including Arizona in the southwest of the U.S.A., 
sub-Saharan Africa, and northern regions of China, where people lack of basic water 
supply.  For example, the Yellow River in China ran dry from 600 kilometers upstream 
to the river's mouth every year in the 1990s.  Particularly, in 1997, it ran dry a record of 
226 days (UN FPA, 2001).  This makes it difficult for local residents to obtain the 
minimum amount of water necessary for their lives, particularly during drought seasons.  
Therefore, it is vital to recycle wastewater to provide the solution to urgent needs of 
water supply.  Furthermore, reuse of water can decrease the load of wastewater 
produced by crews on space shuttles and navy ships, which is crucial for their lives 
during Space (Lyndon, 1996; Yoon and Lueptow, 2005) and Navy missions (Lard et al., 
1976; Benson et al., 1999).  
Graywater, or wastewater generated in the households from showers, bathtubs, 
washing machines, and sinks, accounts for more than 50% of wastewater (Roesner et 
al., 2006).  Thus, it makes a potential resource for water recycling.  There are various 
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inorganic/organic pollutants in graywater including inorganic anions, nitrogen-
containing species, and surfactants (Rose et al., 1991, Eriksson et al., 2002; Ramon et 
al., 2004).  Among these, aqueous ammonia (NH4+/NH3), one of the major nitrogen-
containing pollutants in wastewater, is a potential source of oxygen depletion due to 
eutrophication (Delwiche, 1981; Lee et al., 2002).  Also, an excess of NH4+/NH3 is toxic 
to aquatic life including fish (Randall and Tsui, 2002; Tilak et al., 2002).  For instance, 
it has been shown that NH4+/NH3 is toxic to fish at a concentration of 1 mg/L (6 × 10-5 
M) NH3 in water (Hued et al., 2006).  Indian carp are more sensitive to NH3 — a 
concentration as low as 2.6 × 10-6 M NH3 killed 50% of Indian carp studied (Tilak et al., 
2002).  The United States Environmental Protection Agency (US EPA) has not 
established a maximum contaminant level (MCL) for NH4+/NH3 in drinking water, 
many European nations, however, have adopted a drinking water standard of 0.5 mg/l (3 
× 10-5 M) NH3 (EU drinking water standards, 1998).  
While there are several methods for NH4+/NH3 removal from water and 
wastewater, including biological nitrification, NH4+/NH3 stripping, breakpoint 
chlorination, and ion exchange, each of these methods has disadvantages (Delwiche, 
1981).  For example, although biological nitrification is a widely used process to 
remove NH4+/NH3, the efficiency of biological nitrification is highly dependent on 
temperature, dissolved oxygen, carbon source, pH, and the concentrations of toxic 
substances (Christensen et al, 1978, Fang et al., 1993; Hurse and Connor, 1999).  
Ammonia stripping can remove ammonia from wastewater, but it simply transfers the 
pollution from the water to the air without ultimately solving the problem (US EPA, 
2000).  As for the chlorination method, residual chlorine left in the discharge is toxic to 
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aquatic organisms, and chlorine could react with organic compounds producing a 
number of known and suspected carcinogens (Delwiche, 1981).  As far as ion exchange 
is concerned, concentrated brine has to be treated (JØrgensen et al., 1976), and 
regeneration of ion exchange materials is needed. 
Alternatively, the titanium dioxide (TiO2)-based photocatalytic oxidation 
process has been considered as a promising technique to remove NH4+/NH3 from water 
(Low et al., 1991; Wang, 1991; Pollema et al., 1992; Bravo, 1993; Wang et al., 1994; 
Takeda and Fujiwara, 1996; Bonsen et al., 1997) because TiO2 is a cheap, stable, and 
non-toxic catalyst (Litter 1999).  TiO2 photocatalysis could be used as the polishing step 
after biological treatment, where lower concentrations of organic and inorganic 
contaminants are still present.    Potential disadvantage of this technique is that nitrite 
(NO2-) and nitrate (NO3-), more toxic nitrogen species, are intermediates/products of 
NH4+/NH3 oxidation (Wang et al., 1991; Pollema et al., 1992; Bravo et al., 1993; 
Bonsen et al., 1997).  However, this can be overcome by combining ion-exchange 
process.   
 
1.2. Principle of TiO2 Photocatalysis 
TiO2 is an n-type semiconductor with a conduction band (cb) and a valence band 
(vb) and there is a band gap between those two bands, as shown in Figure 1.1.  When 
the energy of the UV light is greater than the band gap (e.g., 3.2 eV for anatase form of 
TiO2) (Bhatkhande et al., 2001), electrons can be ejected from the valence band to the 
conduction band; correspondingly photo-generated holes (h+) are formed in the valence 
band.   
  3
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Figure 1.1. Scheme of the TiO2- phot
 
As shown in equations 1.1 and 1.2, photo-genera
and/or H2O to form a non-selective oxidant, hydroxyl rad
organic and inorganic substrates near/on the surface (Fox
1993; Hoffmann et al., 1995; Herrmann, 1999; Pirkannie
Bhatkhande et al., 2001).   
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  4e-TiO2 particle 
 
h+
ocatalytic process  
ted holes can react with OH- 
ical (·OH), which can oxidize 
 and Dulay, 1993; Mills et al., 
mi and Sillanpää, 2002; 
  (1.1) 
  (1.2) 
Photo-generated holes can also directly oxidize substrates on/near the TiO2 
surface (equation 1.3).  Meanwhile, photo-generated electrons (e-) can react with 
dissolved oxygen to form super oxide (O2·- and its conjugate acid HOO·, with a pKa 
value of 11.6 (Staehelin and Hoigné, 1982)), which can reduce substrates (Kudo 1987, 
Li and Wasgestian 1998), as shown in equations 1.4 and 1.5.   
 
h+ + reactant → products     (1.3) 
O2 + e- →O2·-        (1.4) 
HOO·+ reactant → products     (1.5) 
 
The holes and electrons can recombine on the surface or in the bulk of the 
particle to produce heat if there are no species that can scavenge the holes or electrons.   
 
1.3. Objectives of This Research 
While it has been shown that the mass loading of TiO2 influences NH4+/NH3 
degradation rates (Wang et al., 1991; Pollema et al., 1992; Bonsen et al., 1997), no 
explanations were provided on why TiO2 mass loading affected the degradation rates.  
In addition to the TiO2 loading, pH is also important in photocatalysis.  TiO2 point of 
zero charge (pHpzc) is ranged 6.2-7.5 for Degussa P25 (Hoffmann et al., 1995; 
Fernández-Nieves et al., 1998).  At pH < pHpzc, the TiO2 surface is positively charged, 
which would favor adsorption of anion species, phosphate (PO42-) and sodium 
dodecylbenzene sulfonate (SDBS), for example; at pH > pHpzc, vice versa.  Previous 
researchers have studied the effect of pH on the photocatalytic oxidation of NH4+/NH3 
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and found higher reaction rates in alkaline solution versus neutral or acidic solution 
(Low et al., 1991; Wang, 1991; Pollema et al., 1992; Bravo, 1993; Wang et al., 1994; 
Takeda and Fujiwara, 1996; Bonsen et al., 1997), which is possibly due to the pH 
dependency of the TiO2 surface charge (Bravo et al., 1993), or due to the rate-limiting 
step of NH3 adsorption to the TiO2 surface. However, there was no direct evidence to 
explain this trend.  In addition, NO2- and NO3- are the intermediates or products of 
NH4+/NH3 oxidation, understanding whether NO2- oxidation to NO3- is a rate-limiting 
step in the oxidation of NH4+/NH3 to NO3-, and also how pH affects the oxidation rate 
of NO2- to NO3-, are important for an effective graywater treatment system design.   
Therefore, the first objective of this research was to investigate how the suspension pH 
and mass concentration of TiO2 influence the photocatalytic degradation of NH4+/NH3 
and NO2-.  To achieve this objective, several initial pH values and mass concentrations 
of TiO2 were chosen to investigate their effects on the initial rates of NH4+/NH3 and 
NO2- photocatalytic oxidation.  Chapter 2 will discuss this in great detail. 
Inorganic anions are commonly present in graywater (Rose et al., 1999, Eriksson 
et al., 2002; Ramon et al., 2004), and inorganic anions also influence the photocatalytic 
degradation rates of substrates (Abdullah et al., 1990; Chen et al., 1997; Wang et al., 
1999; Xia et al., 2002, Hu et al., 2003, 2004; Zhang et al., 2005), due to their adsorption 
and/or competitive reactions with substrates for ·OH, as shown in equation 2.  To the 
best of our knowledge, only Chen and Cao (2002) have studied the effect of inorganic 
anions, including Cl-, SO42- and NO3-, on NO2- photocatalytic oxidation using TiO2 
supported on hollow glass microbeads at pH 5.  However, no systematic study has been 
done on the effect of inorganic anions on the TiO2–based photocatalytic oxidation of 
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both NH4+/NH3 and NO2- as a function of pH.  Hence, this formed the focus of the 
second objective, i.e., to study whether inorganic anions would decrease the 
photocatalytic degradation rates of NH4+/NH3 and NO2-.  In this study, we examined the 
effects of four inorganic anions (Cl-, SO42-, H2PO4-/HPO42-, and HCO3-/CO32-) on the 
photocatalytic oxidation of NH4+/NH3 at pH ~9 and ~10 and NO2- over the pH range of 
4-11.  More details are presented in Chapter 3. 
Surfactants are also commonly present in graywater due to the use of personal 
care products (Karsa, 1999; Eriksson et al., 2002).  Biodegradation of surfactants would 
decrease the dissolved O2 in water due to biochemical oxygen demand.  Competitive 
adsorption of surfactants with NH4+/NH3 for active sites on the TiO2 surface and the 
competing reaction of surfactants with NH4+/NH3 for ·OH would decrease initial rates 
of NH4+/NH3 degradation.  Therefore, it would be interesting to know whether 
surfactants could be removed by photocatalysis and how they influence NH4+/NH3 
photocatalytic degradation in graywater recycling.  Hence, the third objective was to 
investigate whether surfactants would decrease initial rates of NH4+/NH3 degradation at 
pH ~10.1.  Nine surfactants and two monosaccharides were chosen as model 
compounds.  We investigated whether competitive adsorption of the model compounds 
or the formation of ·OH scavengers from the photocatalytic degradation of the model 
compounds is responsible for the slower initial rates of NH4+/NH3 photocatalytic 
degradation.  Chapter 4 provides details of this study. 
Chapter 5 provides a summary and recommendations for graywater recycling 
and future work on this research.  Generally, the results from this research will help 
water and wastewater professionals to understand the effects of several main parameters 
  7
in graywater on the removal efficiency of biological oxygen demand (BOD) (e. g., 
surfactants) and inorganic contaminants (NH4+/NH3), and provide theoretical results 
that can serve as a guide for graywater recycling.  This work can be applicable for 
graywater reuse in space shuttles and emerging regions where potable or non-potable 
water is limited.  This work can also be applied for temporary wastewater treatment 
system used in disaster relief and refugee camp.   
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CHAPTER 2∗ 
Effect of pH and Catalyst Concentration on Photocatalytic Oxidation 
of Aqueous Ammonia and Nitrite in Titanium Dioxide Suspensions 
 
2.1. Introduction 
Aqueous ammonia, one of the major nitrogen-containing pollutants in 
wastewater, is a potential source of oxygen depletion due to eutrophication (Delwiche, 
1981; Lee et al., 2002).  Both ammonium, NH4+, (pKa = 9.3 at 25 ºC (Stumm and 
Morgan, 1996)), and its conjugate base, NH3, can be present in water and wastewater.  
While there are several methods for NH4+/NH3 removal from water and wastewater, 
including biological nitrification, ammonia stripping, breakpoint chlorination, and ion 
exchange, each of these methods has disadvantages (Delwiche, 1981).  For example, the 
efficiency of biological nitrification is highly dependent on temperature, dissolved 
oxygen, the carbon source, pH, and the concentrations of toxic substances (Christensen 
and Harremoes, 1978; Focht and Chang, 1975).  Titanium dioxide (TiO2)-based 
photocatalytic oxidation is a promising technology in water and wastewater treatment 
because TiO2 is a cheap, stable, and non-toxic catalyst (Litter, 1999).  It has been shown 
that solar radiation can be used in photocatalysis, which would make it economically 
competitive for water and wastewater treatment (Nagaveni et al.; 2004).  Photocatalytic 
oxidation of NH4+/NH3 using TiO2 has been shown in several studies (Gopalarao et al., 
                                                 
∗ Reproduced with permission from “Environmental Science & Technology 39, Zhu, X. 
D.; Castleberry, R. S.; Nanny, M. A.; Butler, E. C. Effect of pH and catalyst 
concentration on photocatalytic oxidation of aqueous ammonia and nitrite in titanium 
dioxide suspensions, 3784-3791, Copyright (2007) American Chemical Society”. 
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1941; Bravo et al., 1993; Low et al. 1991; Pollema et al.; 1992; Wang, 1991; Wang et 
al., 1994; Takeda and Fujiwara, 1996; Bonsen et al., 1997).  While previous 
investigators studied the effect of pH on photocatalytic oxidation of NH4+/NH3 and 
found higher reaction rates in alkaline solution versus neutral or acidic solution (Bravo 
et al., 1993; Low et al. 1991; Pollema et al.; 1992; Wang, 1991; Wang et al., 1994; 
Takeda and Fujiwara, 1996; Bonsen et al., 1997), no direct evidence to explain this 
trend has been reported.  Bravo et al. (1993) speculated that the higher NH4+/NH3 
photocatalytic oxidation rate at alkaline pH was due to the pH dependence of the TiO2 
surface charge.  Specifically, when the pH is lower than the TiO2 point of zero charge 
(pHpzc) (6.2-7.5 for Degussa P25 (Hoffmann et al., 1995; Fernández-Nieves et al., 
1998)), the net surface charge is positive, which would hinder adsorption of NH4+ due 
to electrostatic repulsion (Bravo et al., 1993).  On the other hand, when the pH is higher 
than the pHpzc but lower than the pKa of NH4+ (9.3), the negatively charged TiO2 surface 
would favor adsorption of NH4+ and the highest reaction rates would be expected in this 
pH region if electrostatics determined reaction rates.  Bonsen et al. (1997), however, 
proposed that adsorption of neutral NH3, not NH4+, at the TiO2 surface was the rate-
limiting step during NH4+/NH3 photocatalytic oxidation over the pH range 2.5-11.  
Researchers have also studied the pH dependence of the products of NH4+/NH3 
photocatalytic oxidation (Pollema et al., 1992; Wang et al., 1994; Bonsen et al., 1997).  
For example, nitrate (NO3-) was the primary product of NH4+/NH3 photocatalytic 
oxidation in acidic solution (pH 1.0), while nitrite (NO2-) was the main product in 
alkaline solution (pH 11.5) (Wang et al., 1994).  In addition, Bonsen et al. (1997) found 
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that the product distribution in NH4+/NH3 photocatalytic oxidation varied with TiO2 
concentration, but did not discuss the reasons for this phenomenon.   
For NO2- photocatalytic oxidation, NO3- was found to be the major product, and 
the yield of NO3- increased dramatically with decreasing pH (Zafra et al., 1991; Milis 
and Domènech, 1993; Milis et al., 1994; Sun and Chou, 1999).  Milis and Domènech 
(1993) have proposed that, as for NH4+, electrostatic interaction between NO2- and the 
TiO2 surface affects the reaction rate of NO2- photocatalytic oxidation at different pH 
values.  Since NO2- and NO3- are the intermediates or products of NH4+/NH3 oxidation, 
understanding whether NO2- oxidation to NO3- is a rate-limiting step in the oxidation of 
NH4+/NH3 to NO3-, and also how pH affects the oxidation rate of NO2- to NO3-, are 
important for an effective treatment system design. 
The objectives of this research were: (i) to investigate the reasons why TiO2 
concentration affects the product distribution in NH4+/NH3 photocatalytic oxidation and 
(ii) to determine why the NH4+/NH3 and NO2- photocatalytic oxidation rates are pH 
dependent.  Our hypothesis was that the pH dependence of the rates of photocatalytic 
oxidation of NH4+/NH3 and NO2- could be explained by the pH-dependent extent of 
adsorption of these species to the TiO2 surface.  Accordingly, a series of experiments 
were conducted in which we measured initial photocatalytic oxidation rates for both 
NH4+/NH3 and NO2- over a range of pH values.  Since the mechanisms and extent of 
solute adsorption to the TiO2 surface in the presence of UV light (photoadsorption) can 
differ from those for dark adsorption (Pelizzetti and Serpone, 1989), the Langmuir-
Hinshelwood model was used to quantify the extent of photoadsorption in UV-
illuminated TiO2 systems and to relate it to initial reaction rates.  The Langmuir-
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Hinshelwood model can be expressed as: 
 
      (2.1) KC
=
1
kKCr +
 
where r and k are the initial rate and  rate constant, respectively, with units of M/min, C 
is the reactant initial concentration (M), and K is the photoadsorption equilibrium 
constant (M-1). 
 
2.2. Experimental Section 
2.2.1. Chemicals  
 Degussa P25 TiO2 (Akron, OH) was used without modification.  This catalyst 
had a BET surface area of 50 ± 15 m2/g and an average primary particle size of 21 nm 
(Degussa Corporation).  According to personal communication with the Degussa 
Corporation, the estimated BET surface area for a specific batch of TiO2 should be 
much narrower than this reported range.  All solutions were prepared using nanopure 
water (18.1 MΩ cm) from an InfinityTM ultrapure water system (model D8961, 
Barnstead; Dubuque, IA).  All chemicals were used as received.  (NH4)2SO4 (Alfa 
Aesar; Ward Hill, MA), NaNO2 (Sigma-Aldrich; Milwaukee, WI), and NaNO3 (Sigma-
Aldrich), were used to make stock and standard solutions of NH3, NO2-, and NO3-, 
respectively.  Na2SO4 (Alfa Aesar) was used for ionic strength adjustment.   
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2.2.2. Experimental Setup 
The experimental apparatus consisted of a cylindrical Pyrex glass reactor (7841-
06, Ace Glass; Vineland, NJ), a double-walled quartz-cooling water jacket, and a 450 
W medium pressure Hg lamp (7825-34, Ace Glass) (Figure 2.1).   
 
 
 
Power 
Supply 
Digital 
Thermometer 
Cooling water in 
Luer Tip Syringe 
Connected to Teflon 
Tubing  
Reactor 
Cooling Water Jacket
Lamp 
Stir bar 
Cooling water out 
Solution 
Magnetic stir plate 
 
Figure 2.1.  Experimental photocatalytic oxidation apparatus. 
 
The total radiation output of the lamp was 175.8 W with the following specific 
radiation distribution: 220-280 nm: 27.0 W; 280-320 nm: 28.7W; 320-400 nm: 28.0 W; 
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400-600 nm: 75.7 W; and 1000-1400 nm: 16.4 W.  Appendix A provides a step-by-step 
procedure for conducting kinetic experiments. Basically, the cooling water jacket was 
set up inside the reactor to maintain the temperature between 25 and 31 ºC, preventing 
excessive heating of the TiO2 slurry.  The lamp was placed inside the cooling water 
jacket.  The volume of aqueous slurry in all experiments was 1300 mL, and TiO2 
concentrations ranged from 0.1 to 3 g/L.  All experiments contained an excess of 
electrolyte, 1 × 10-3 M Na2SO4, in order to maintain a relatively constant ionic strength 
even when reactant concentrations were varied.  The reaction slurry was stirred with a 
magnetic stirrer at a constant speed to maintain a well-mixed TiO2 suspension during 
the experiments.  Experiments with neither UV light nor TiO2 showed that loss of 
NH4+/NH3 due to volatilization was negligible during the time period of our 
experiments.  Experiments with TiO2, but no UV light, also showed that dark adsorption 
was negligible.   
Before turning on the UV lamp, the pH of the suspension was adjusted to the 
desired value by dropwise addition of 1 M NaOH or 0.05 M H2SO4 (Fisher Scientific, 
Fairlawn, NJ).  The suspension was placed in the dark, shielded with aluminum foil, and 
stirred until the pH was stable, indicating adsorption equilibrium.  This occurred quickly 
(15 – 30 minutes) at pH values higher than 10 due to the high buffer capacity of water 
in this pH region.  For lower pH values, it took 2-4 hours for pH equilibrium to be 
reached for NO2- solutions, while up to 24 hours were needed for NH4+/NH3 solutions.  
At regular time intervals, samples were taken from the reactor using a 30 mL plastic 
sterile syringe with a leur slip tip, which was attached to an eighteen-inch piece of 
Teflon tubing (i.d. 3 mm).  The sample was filtered into a 50 mL polypropylene tube 
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using a 47 mm filter holder (Millipore, Fisher Scientific) through a 0.1µm super®-100 
filter membrane (Pall Life Sciences; Ann Arbor, MI).  The filtrate was used for the 
measurement of pH, NH4+/NH3, NO2-, and NO3-.  
 
2.2.3. Analytical Methods 
An ammonia gas-sensing electrode (model 95-12, Thermo Orion; Beverly, MA) 
and a pH electrode (model 9165BN, Thermo Orion), both connected to a model 420A+ 
Thermo Orion pH meter (Fisher Scientific), were used for NH4+/NH3 and pH 
measurement, respectively.  200 µL of ionic strength adjustor (ISA, Thermo Orion), 
which contains deionized water, NaOH, disodium EDTA, and thymolphthalein (a pH 
indicator with a titration end point of 9.3-10.5 and a blue color above this pH range 
(Jenkins, 1980)), were added to the 10 mL standards and filtered samples immediately 
before NH4+/NH3 measurement.  The purpose of the ISA was to keep the samples and 
standards at a constant ionic strength and constant high pH value, so that essentially all 
NH4+/NH3 would be in the neutral form, which is what the electrode measured ([NH3]T 
= [NH3]+[NH4+]).  The detection limit of the ammonia gas-sensing electrode was 5 × 
10-6 M.  Appendix A provides a detailed procedure for the measurement of NH4+/NH3.   
The concentrations of NO2- and NO3- were determined using a Dionex ion 
chromatograph (IC) with an Ion Pac® AG 11 guard column (4 × 50 mm), and an Ion 
Pac® AS 11 anion analytical column (4 × 250 mm), coupled with an ED 50 conductivity 
detector.  A GP 50 gradient pump and an AS 40 automated sampler were employed.  5 
mM and 100 mM NaOH solutions, prepared from 50% w/w NaOH, were used for the 
gradient eluents.  The following gradient program was used to control the flow rates of 
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each individual solution.  For the first 2.5 minutes, 90% nanopure water and 10% 5 mM 
NaOH were used.  The flow was then changed to 100% 5 mM NaOH over 3.5 minutes. 
Finally, the flow was changed to 65% 5 mM and 35% 100 mM NaOH over 2.8 minutes. 
The sample loop volume was 25 µL.  A Dionex Peaknet 6.3 chromatography 
workstation was used for peak integration.  
The concentrations of NH4+/NH3, NO2- and NO3- were calculated by five point 
external standard calibration curves.  The standard solutions were prepared daily, and 
analysis of standards was repeated every twenty samples.  For IC analysis, a blank 
sample was analyzed every 30 samples.  The procedures of preparation of IC standard 
solutions are described in Appendix A.  For NH4+/NH3 analysis, a blank sample was 
measured once daily.  Every fourth sample was run in duplicate, and duplicate analyses 
differed by less than 5%.  Kinetic experiments were repeated periodically, and they 
were reproducible within 95% confidence intervals. 
 
2.3. Results and Discussion  
2.3.1. Influence of TiO2 concentration on NH4+/NH3 photocatalytic oxidation  
First, we measured the initial rate of NH4+/NH3 oxidation at pH 10.2 for TiO2 
concentrations ranging from 0 to 3 g/L.  The purpose of these experiments was to 
determine the optimum TiO2 concentrations for subsequent experiments and to 
investigate how the TiO2 concentration affected the product distribution.  Since the 
kinetics of NH4+/NH3 oxidation for this range of TiO2 concentrations did not always 
conform to a simple zero or first order rate law over several half lives, we quantified 
NH4+/NH3 reactivity by comparing initial reaction rates for the first half life.  Initial 
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rates, product yields, and mass recoveries for the different TiO2 concentrations are 
shown in Table 2.1, and initial rates of NH4+/NH3 photocatalytic oxidation as a function 
of TiO2 concentration are also shown in Figure 2.2. 
 
Table 2.1. Initial rates, product yields, and rate constants of NH4+/NH3 photocatalytic 
oxidation at different concentrations of TiO2a 
  
TiO2 
Concentration 
(g/L) 
Initial rate 
 × 107 
(M·min-1) 
% NH3 
remaining in 
6 hrs 
% NO2- 
yield in  
6 hrsb 
% NO3- 
yield in  
6 hrsc 
% Mass 
recovery in 
6 hrsd 
k1 × 103 
(min-1) 
k2 × 103 
(min-1) 
0 5.4 ± 1.4 45 28 BDLe 73 -f -f 
0.1 3.8 ± 1.1 19 45 21 86 -f -f 
0.2 2.42 ± 0.97 30 37 19 86 -f -f 
0.5 2.65 ± 0.82 26 16 43 85 -f -f 
1 2.74 ± 0.54 12 4 90 106 4.725 ± 0.083 39.4 ±3.5 
2 3.83 ± 0.53 4 BDLe 97 101 6.34 ± 0.14 70 ± 19 
3 4.12 ± 0.46 7 BDLe 93 100 6.356 ± 0.042 136 ± 28 
 
aInitial concentration of total NH3 ([NH4+] + [NH3]): (9.45 to 9.98) ×10-5 M; initial pH:10.2; reaction time: t = 6h; 
uncertainties are 95% confidence intervals.  b100 × [NO2-]t / [NH3]T,0.  c100 × [NO3-]t / [NH3]T,0.  d100 × ([NO2-]t + 
[NO3-]t + [NH3]T,t)/[NH3]T,0.  eBelow detection limits.  fNot determined because the data for TiO2 concentrations < 1 
g/L did not fit the consecutive first-order model. 
 
As shown in Table 2.1 and Figure 2.2, the initial rate of NH4+/NH3 
photocatalytic oxidation decreased when the TiO2 concentration was increased from 0 
to 0.2 g/L, then increased as the TiO2 concentration was increased to 3 g/L, where it 
seemed to level off.  These trends may be due to different contributions of distinct 
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homogeneous and heterogeneous photochemical reactions at different TiO2 
concentrations.  Specifically, when no TiO2 was present, only the homogeneous 
photochemical reaction was possible.  When only a small amount of TiO2 (< 0.2 g/L) 
was present, it may have acted mainly to absorb and/or scatter UV light, inhibiting the 
homogeneous reaction (evidence of this is shown in Appendix B), but not yet causing a 
significant heterogeneous reaction.  This could explain the downward trend in initial 
rates of NH4+/NH3 photocatalytic oxidation shown in Figure 2.2.   
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Figure 2.2. Initial rate of NH4+/NH3 degradation versus TiO2 concentration, initial pH: 
10.2; [NH3]T,0 ranged from 9.38 × 10-5 to 9.76 × 10-5 M; error bars are 95% confidence 
intervals. Dashed and solid lines are schematic lines of homogeneous and 
heterogeneous degradation of NH4+/NH3 that may occur in parallel, and the thicker line 
is the sum of these two processes. 
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 At higher TiO2 concentrations (> 0.2 g/L), however, the heterogeneous reaction 
likely increased in importance, which could explain the increase in rate constants in this 
TiO2 concentration range.  The eventual leveling-off of the initial rates of NH4+/NH3 
photocatalytic oxidation around 3 g/L (Figure 2.2) could be explained by the fact that 
TiO2 was present at a high enough concentration to block UV transmittance to the 
interior portions of the reactor (Wang et al., 1994, Mills et al., 1993), making the 
homogeneous reaction insignificant (Appendix B).    
The different mass recoveries measured at different TiO2 concentrations (Table 
2.1) support the idea that the relative contributions of homogeneous and heterogeneous 
reactions depend on TiO2 concentration.  Table 2.1 shows that the homogeneous 
reaction (i.e., 0 g/L TiO2) yielded a 73% mass recovery in 6-hour of UV illumination 
(calculated as the sum of total NH3 (i.e., [NH4+] + [NH3], [NO2-] and [NO3-]), indicating 
formation of products other than NO2- and NO3-.  These products could include N2 and 
NH2OH, which were detected by Ogata et al. (1981) in the photooxidation of NH4+/NH3 
with hydrogen peroxide.   Unlike the homogeneous reaction, experiments with TiO2 
concentrations ≥ 1 g/L yielded approximately 100% mass recoveries during the same 
time period, indicating a different reaction mechanism under these conditions.  Since 
TiO2 concentration was the only variable that was changed between 0 and 3 g/L TiO2, 
we conclude that the heterogeneous, TiO2 mediated pathway, which produced a 
different distribution of reaction products than the homogeneous pathway, 
predominated at higher TiO2 concentrations.   
Unlike the heterogeneous photochemical reaction, the homogeneous 
photochemical oxidation of NH4+/NH3 at pH 10.2 produced NO2-, but not NO3- after 6 
  19
hours of UV-illumination.  This indicates that TiO2 is required for the photochemical 
oxidation of NO2- at pH 10.2. (Homogeneous oxidation of NO2- by O2 has been shown 
to be most important at low pH (Braida and Ong, 2000).)  The higher NO3- yields for 
TiO2 concentrations ≥ 1 g/L (Table 2.1) are additional evidence that the heterogeneous 
reaction predominates at these TiO2 concentrations.  
Figure 2.3 shows plots of [NH3]T (i.e., [NH4+] + [NH3]), [NO2-], and [NO3-] 
versus time for selected TiO2 concentrations from Figure 2.2.  We attempted to quantify 
in more detail the reaction kinetics for these experiments in order to predict which 
reaction products would predominate in treatment systems under different conditions.     
For TiO2 concentrations where both the homogeneous and heterogeneous 
photochemical reactions were significant (<1 g/L), no simple rate law accurately 
described the distribution of reactants and products over time.  For TiO2 concentrations 
≥ 1 g/L, where the heterogeneous reaction predominated, however, the data conformed 
to a consecutive first order model, as shown in reaction 2.2   
 
NO2-k1 k2NH4+/NH3 NO3- (2.2) 
 
where k1 and k2 are pseudo-first-order rate constants with units of min-1.  (These rate 
constants are distinct from the Langmuir-Hinshelwood rate constant k in equation 2.1.)   
 Since near 100% nitrogen mass recovery was observed at TiO2 concentrations ≥ 
1 g/L, we concluded that NO2- and NO3- were the most stable intermediates/products 
under these conditions, justifying application of a consecutive first-order reaction model 
considering only the reactions shown in reaction 2.2.  The integrated rate laws 
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corresponding to reaction 2.2 (Steinfeld et al., 1999) are shown in Appendix C.  Sigma 
Plot (version 2001) was used to calculate k1 and k2 by nonlinear regression of the 
experimental concentrations of total NH3, NO2-, and NO3- versus time using these 
integrated rate laws.  The resulting k1 and k2 values were substituted into the rate laws 
(Appendix C) and the concentrations of each species in reaction 2.2 were calculated as 
functions of time, then plotted as the solid lines in Figure 2.3.  The calculated values of 
k1 and k2 are summarized in Table 2.1.   
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Figure 2.3. [NH3]T and products versus time at different TiO2 concentrations. (a) 0 g/L, 
(b) 0.5 g/L, (c) 1 g/L, (d) 2 g/L, (e) 3 g/L; data points represent experimentally 
measured concentrations, [NH3]T,t ([NH3]+[NH4+] at time t) (●), [NO2-]t (○), [NO3-]t 
(▼), total nitrogen (∆, sum of [NH3]T,t, [NO2-]t, and [NO3-]t); initial pH: 10.2; lines 
represent the consecutive first-order model fit for the concentrations of [NH3]T,t, [NO2-
]t, and [NO3-]t calculated from the rate constants k1 and k2 that were determined from the 
experimental data. 
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Table 2.1 shows that for all TiO2 concentrations ≥ 1 g/L, the rate constant for 
NO2- oxidation, k2, is significantly higher than the rate constant for NH4+/NH3 
oxidation, k1, which means that the overall rate of NO3- formation is limited by the rate 
of NH4+/NH3 oxidation to NO2- under these conditions.  Table 2.1 also shows that as the 
TiO2 concentration increased from 1 to 3 g/L, k2 increased by more than three fold, 
while k1 only increased by one third.  This indicates that the rate of NO2- oxidation is 
more surface area dependent than the rate of NH4+/NH3 oxidation. 
 
2.3.2. Influence of pH on NH4+/NH3 photocatalytic oxidation 
In order to avoid the confounding effects of homogeneous photochemical 
processes on reaction kinetics, 3 g/L TiO2 was chosen for all subsequent experiments.  
Since Bonsen et al. (1997) observed no significant difference in the initial rate of 
NH4+/NH3 photocatalytic oxidation in the presence of O2 versus N2, we did not monitor 
the dissolved oxygen in our experiments.  Experiments to study the influence of pH on 
the initial rate of NH4+/NH3 photocatalytic oxidation were conducted at four initial pH 
values.  The results are shown in Figures 2.4a-b.  Figure 2.4a shows that there was no 
significant photocatalytic oxidation of NH4+/NH3 at pH 6.3.  For initial pH values of 7.7 
and 9.0, photocatalytic oxidation of NH4+/NH3 took place for a short period until the pH 
dropped to approximately 7.0, after which the reaction rate was negligible.  At an initial 
pH of 10.2, however, the pH did not drop below 9.9 after four hours of UV 
illumination, and continuous photocatalytic oxidation of NH4+/NH3 was observed 
during this period.  These results indicate that there was no significant degradation of 
NH4+/NH3 at pH values lower than approximately 7, which is consistent with previous 
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findings (Wang, 1991; Wang et al., 1994; Bonsen et al., 1997).  The pH drop that 
occurred for initial pH values of 7.7 and 9.0 may be due to proton formation from 
NH4+/NH3 oxidation (Pollema et al., 1992). 
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Figure 2.4. (a) [NH3]T disappearance and (b) pH variation during NH4+/NH3 
photocatalytic oxidation versus initial pH.  [NH3]T, 0: 9.45 × 10-5 to 9.98 × 10-5 M, TiO2 
concentration: 3 g/L. 
 
In order to test our hypothesis that the initial rates of NH4+/NH3 oxidation were 
proportional to the extent of adsorption to the TiO2 surface, we measured the initial 
rates of photocatalytic oxidation for a range of initial concentrations (4.4 × 10-5 - 9.2 × 
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10-4 M) and fit the data to the Langmuir-Hinshelwood model.  The potentially 
confounding effect of variable pH over the course of the experiments was minimized by 
measuring initial rates, which were calculated from the best linear fit of NH4+/NH3 
concentration versus time for the initial time period where the slope (and pH) was 
approximately constant.  The results in Figure 2.4 indicate that the reaction was too 
slow to measure for initial pH values lower than 9, so we performed these experiments 
at initial pH values of ∼9.0 and ∼10.2.  (The initial pH values varied slightly around 9.0 
and 10.2, as shown in Table 2.2.)  The experimental data for pH 9.0 and 10.2, along 
with the Langmuir-Hinshelwood model fits, are shown in Figure 2.5a.  The kinetic 
parameters k and K, shown in Table 2.2, were calculated by equation 2.1 using non-
linear least-squares regression.  Table 2.2 shows that neither k nor K differed 
significantly, considering 95% confidence intervals, for pH 9.0 versus 10.2.  Despite the 
lack of a statistically significant difference in values of k and K, however, Figure 2.5a 
shows higher initial rates of NH4+/NH3 photocatalytic oxidation at pH 10.2 versus 9.0 
for every initial concentration of NH4+/NH3, indicating a difference in reactivity at the 
two initial pH values.  The greater initial rates at pH 10.2 versus 9.0 indicate that 
adsorption due to electrostatic attraction between NH4+ and the negatively charged TiO2 
surface is not sufficient to explain the pH dependence of NH4+/NH3 photocatalytic 
oxidation rates, since the fraction of total NH3 in the cation form is higher at pH 9.0 
(67%) than at 10.2 (11%), and the TiO2 surface is predominantly negative at both pH 
values. 
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Table 2.2. Initial rate constants (k) and photoadsorption equilibrium constants (K) for 
the Langmuir–Hinshelwood modela 
 
Compound Initial pH k (M /min) K (M-1) 
∼9.0 (8.9-9.3)d (1.64 ± 0.70) ×10-6 (2.8 ± 2.8) ×103 
b[NH3]T, 0 
∼10.2 (9.9-10.3) (2.6 ± 1.5) ×10-6 (2.3 ± 2.8) ×103 
c[NH3]0 (8.9-10.3) (2.34 ± 0.79) ×10-6 (3.2 ± 2.3) ×103 
∼5.8 (5.7-5.9) (4.81 ± 0.42) ×10-6 (6.8 ± 4.0) ×104 
∼8.6 (8.5-8.7) (4.52 ± 0.48) ×10-6 (4.3 ± 2.6) ×104 
∼10.0 (9.9-10.1) (1.76 ± 0.14) ×10-6 (3.0 ± 1.3) ×104 
 
[NO2-]0 
∼11.0 (10.9-11.1)  (1.67 ± 0.21) ×10-6 (3.2 ± 2.2) ×104 
 
aUncertainties are 95% confidence intervals.  b[NH3]T,0 = [NH4+]0 + [NH3]0.        
c [NH3]0 was calculated from [NH3]T,0 and pH was used to calculate the rate constant and the 
photoadsorption equilibrium constant.  dReported pH values in the second column are the 
median pH values; the values in the parenthesis represent the ranges of the initial pH values.
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Figure 2.5∗. Initial rate of NH4+/NH3 photocatalytic oxidation versus (a) [NH3]T,0 at pH 
∼9 (○), and pH ∼10.2 (●), and (b) [NH3]0.  [NH3]0 = Ka × [NH3]T, 0 /([H+] + Ka).  
[NH3]T,0 was measured by the ammonia gas-sensing electrode, pKa = 9.3 (Stumm and 
Morgan 1996); TiO2: 3 g/L; [NH3]T,0: 4.4 × 10-5 to 9.2 × 10-4 M; error bars are 95% 
confidence intervals; lines are the Langmuir-Hinshelwood model fits.  
                                                 
∗ Sunny R. Castleberry measured initial rates of NH4+/NH3 degradation at pH 9.0 and 10.2. 
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Previous researchers (Pagsberg, 1972; Neta et al., 1978) have studied the 
reaction between neutral NH3 and ·OH and found a rate constant of 1 × 108 M-1 s-1, 
while the reaction between NH4+ and ·OH was too slow to measure.  Hence, the greater 
reactivity of electrophilic ·OH with neutral NH3 versus NH4+ (Ogata et al., 1981; Kuo et 
al., 1997) may explain the higher initial rates at pH 10.2 versus 9.0.   
To get further insight into the pH dependence of the reaction rate, all data shown 
in Figure 2.5a were reanalyzed and initial rates of photocatalytic oxidation versus initial 
concentrations of neutral NH3, i.e., [NH3]0, not [NH3]T,0, were plotted (Figure 2.5b).  
Values of [NH3]0 were calculated as described in the caption to Figure 2.5.  When 
treated this way, the pH 9.0 and 10.2 data converged and could be fit to the Langmuir-
Hinshelwood model as a single data series (the calculated k and K values are reported in 
Table 2), which is evidence that the initial rates of NH4+/NH3 TiO2 photocatalytic 
oxidation are proportional to [NH3]0, and not [NH3]T, 0.  This shows again that the extent 
of adsorption of cationic NH4+ to the negatively charged TiO2 surface does not appear 
to influence rates of NH4+/NH3 photocatalytic oxidation. 
 
2.3.3. Influence of pH on NO2- photocatalytic oxidation 
Next, we studied how pH affects the second step in reaction 2.2, i.e., the 
photocatalytic oxidation of NO2-, though this is not the rate-limiting step in NH4+/NH3 
photocatalytic oxidation to NO3-.  We measured the initial rate of photocatalytic 
oxidation of 1.8 (± 0.2) × 10-4 M NO2- over a range of pH values.  Figure 2.6 shows 
that the pH values where the lowest initial rates of NO2- photocatalytic oxidation were 
observed (i.e., pH 10.1-11.0) corresponded to the pH values with the highest initial rates 
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of NH4+/NH3 photocatalytic oxidation (Figure 2.5a). This is consistent with the fact 
discussed earlier that the pseudo first order rate constant for NO2- photocatalytic 
oxidation, k2, was significantly greater than that for NH4+/NH3 photocatalytic oxidation, 
k1.  Even at higher pH values, the initial rate of NO2- photocatalytic oxidation was still 
an order of magnitude higher than that of NH4+/NH3.  Thus we identified no conditions, 
in the presence of excess TiO2, where photocatalytic oxidation of NO2- to NO3- would 
limit the overall rate of NH4+/NH3 oxidation to NO3-. 
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Figure 2.6. (a) Initial rate of NO2- photocatalytic oxidation versus initial pH; [NO2-]0: 
(1.8 ± 0.2) ×10-4 M; TiO2: 3 g/L; uncertainties are 95% confidence intervals.  pH values 
(from left to right) are 2.8, 4.2, 5.7, 6.9, 8.6, 10.1, and 11.0. 
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To assess the possible contribution of homogeneous photochemical oxidation of 
NO2- to the initial rates illustrated in Figure 2.6, two experiments were carried out with 
no TiO2, but with UV light, at pH 5.8 and 9.9 and an initial NO2- concentration of 2.0 × 
10-4 M.  While no significant homogeneous photochemical oxidation of NO2- was 
observed at pH 9.9, there was considerable homogeneous photochemical oxidation at 
pH 5.8, with an initial rate of (1.37 ± 0.14) × 10-6 M/min.  As discussed earlier 
(discussion of Figure 2.2 and Table 2.1), however, we concluded that homogeneous 
photochemical oxidation of NH4+/NH3 was not significant at TiO2 concentrations ≥ 1 
g/L due to absorbance and scattering of UV light by the TiO2 particles.  By the same 
reasoning, it is unlikely that homogeneous photochemical oxidation of NO2- 
significantly contributed to the initial rates of NO2- oxidation illustrated in Figure 2.6, 
since all experiments in this Figure were done with 3 g/L TiO2.  We also considered the 
possibility that non-photochemical oxidation of NO2- to NO3- by dissolved O2 was 
partly responsible for the initial rates illustrated in Figure 2.6, since NO2- is susceptible 
to oxidation by O2 in acidic solution (Staehelin and Hoigné, 1982; Braida and Ong, 
2000).  However, only a very slow dark NO2- oxidation rate of approximately 1.6 × 10-8 
M/min at pH 2.8 was observed in our experiments, indicating that the rate of dark 
oxidation of NO2- by O2 is not significant compared to the rate of oxidation by TiO2 
photocatalysis.   
Figure 2.6 shows first an increase, then a decrease in initial rates over the pH 
range 2.8 – 11.0.  Several processes likely contribute to this trend.  We first considered 
that coagulation and flocculation of the TiO2 particles as a function of pH could explain 
the variation in initial rates with pH.  This explanation was not consistent with our data, 
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however.  At pH values near the pHpzc where the net TiO2 surface charge is neutral, the 
extent of coagulation would be the largest, which would result in decreased surface area 
due to flocculation and would slow the surface reaction rate (Letterman, 1999).  O’Shea 
et al. (1999) observed the greatest flocculation rate at pH values near the TiO2 pHpzc in 
the presence of sodium sulfate (the same electrolyte used in our experiments).  However, 
as shown in Figure 2.6, we measured the highest initial rates of NO2- photocatalytic 
oxidation near the TiO2 pHpzc (6.2 – 7.5 (Hoffmann et al., 1995; Fernandez-Nieves et al., 
1998)), indicating that the effect of coagulation/flocculation on reaction rates was not 
significant compared to the effect of other parameters such as pH. 
We considered several explanations for the increase in rates of NO2- 
phtotcatalytic oxidation between pH 2.8 and 5.7, and especially between pH 4.2 and 
5.7.  First, adsorption of negatively charged NO2- to the TiO2 surface (which would be 
positively charged below the TiO2 pHpzc) would increase at pH values above the HNO2 
pKa.  HNO2 has a pKa of 3.23 (calculated from the standard Gibbs energy change for the 
acid dissociation reaction at 25 oC using data from reference (Stumm and Morgan, 
1996)), so if the extent of NO2- adsorption were solely responsible for the pH 
dependence of the initial rate, then a significant increase in initial rate would be 
expected above pH 3.23, which we did not observe (Figure 2.6).  This indicates that the 
extent of adsorption is not the sole factor influencing initial rates of NO2- oxidation in 
this pH region. 
It is possible that the equilibrium distribution between another acid/conjugate 
base pair, for example HO2• and O2-•, could be responsible for the increase in initial rates 
between 4.2 and 5.7.  At pH values higher than the HO2• pKa of 4.8 (Bielski et al., 1985), 
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O2-• could serve as an additional source of ·OH (Litter, 1999; Pirkanniemi and Sillanpää, 
2002).   
The decline in initial rates shown in Figure 2.6 as the initial pH was increased 
from pH 6.9 to 10.1 could be at least partly due to the decreasing extent of adsorption of 
NO2- to the TiO2 surface due to the increasingly negative surface charge.  Consistent 
with this hypothesis, previous studies (Fernandez-Nieves et al., 1998; Bourikas et al., 
2003) showed that the TiO2 surface charge or zeta potential became more negative when 
the pH increased from 8 to 10.  Bravo et al. (1993) proposed that at strongly basic pH 
values, competition for surface sites by OH- inhibits adsorption of other species such as 
NO2-, which might explain the essentially constant initial rate between pH 10.1 and 11.0. 
To test whether the decline in initial rates of NO2- photocatalytic oxidation 
above pH 6.9 was due solely to decreasing NO2- adsorption to the TiO2 surface, initial 
rates were measured for a range of initial NO2- concentrations at four different initial pH 
values ranging from ∼5.8 to ∼11.0, and the data were fit to the Langmuir-Hinshelwood 
model.  The results are shown in Figure 2.7, and the values of k and K were calculated 
from equation 1 and are summarized in Table 2.2.   
Table 2.2 shows that the photoadsorption equilibrium constant K declined as the  
pH increased from 5.8 to 10.0, then remained approximately constant between pH 10.0 
and 11.0, which is consistent with the idea that the extent of NO2- adsorption decreased 
with increasing pH above the TiO2 pHpzc.  In addition, the values of K for photocatalytic 
oxidation of NO2- were all at least one order of magnitude higher than those for 
NH4+/NH3, indicating that NO2- has a higher photoadsorption affinity to the TiO2 
surface than does NH4+/NH3.  This supports the finding discussed earlier that, at least in 
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alkaline solution, NO2- photocatalytic oxidation is more surface area dependent than is 
NH4+/NH3.   
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Figure 2.7. Initial rate of NO2- photocatalytic oxidation versus initial concentration at 
different initial pH values, the symbols represent the initial rates at different pH, pH 
∼5.8 (●), pH ∼8.6 (○), pH ∼10.0 (▲), pH ∼11.0 (∆); [NO2-]0: 1.37 × 10-5 – 9.85 × 10-4 
M; error bars are 95% confidence intervals; lines are the Langmuir-Hinshelwood model 
fits.  
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The Langmuir-Hinshelwood rate constant k, also decreased significantly 
between pH 5.8 and 11.0, especially between pH 8.6 and 10.0, indicating that 
decreasing adsorption alone cannot entirely explain the decline in NO2- photocatalytic 
oxidation rates between pH 5.8 and 11.0, and that one or more kinetic factors are also 
involved.  O’Shea and Cardona (O’Shea and Cardona, 1995) also observed that the 
Langmuir-Hinshelwood parameters were dependent on the solution pH during phenol 
photocatlaytic oxidation.  They explained the results by the involvement of 
unprotonated ·OH, ·O-, at pH values greater than 12, which was outside the pH range 
that we studied.   
For our experimental system, we considered several possibilities to explain the 
decrease in k values between pH 5.8 and 11.  These explanations assume that the rate 
constant k is the sum of two or more rate constants for independent processes involved 
in NO2- photocatalytic oxidation, where at least one of the processes is pH-dependent.  
We first speculated that ·OH formation from H2O2 might be an important source of ·OH 
below the H2O2 pKa, but not above the pKa, where H2O2 would undergo acid 
dissociation:  
 
H2O2 ↔ HO2- + H+      (2.3) 
 
The pKa of H2O2, however, is 11.6 (Staehelin and Hoigné, 1982), so its concentration 
would not decline significantly due to acid dissociation below pH 10.0, and this 
equilibrium cannot explain our pH trend in k values.  Second, we considered that an 
increase in the concentration of carbonate, CO32-, a known ·OH scavenger (Larson and 
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Zepp, 1988), at pH values near the HCO3- pKa (10.3, (Stumm and Morgan, 1996)), 
could decrease the concentration of reactive ·OH and thereby decrease the apparent rate 
constant, k.  However, we measured a negligible concentration of CO32- in our system 
by alkalinity titration at pH 10.4, so ·OH scavenging by CO32- cannot explain the 
decrease in the k values with increasing pH.   
Our best explanation for the decrease in k values above pH 6.9 is the formation 
of one or more acid/conjugate base pairs during NO2- photocatalytic oxidation, where 
the conjugate base acts as an ·OH scavenger, or otherwise slows the forward reaction of 
NO2- to NO3- since photoreduction of NO3- to NO2- occurs even in the absence of TiO2 
(Daniels et al., 1968; Alif and Boule, 1991; Mack and Bolton, 1999).  Changing the pH 
around this pKa could in this way affect the rate constant k for NO2- photocatalytic 
oxidation.  Peroxynitrate (-OONO2), the conjugate base of peroxynitric acid (HOONO2, 
pKa 6.0 (Goldstein et al., 1998)) and peroxynitrite (-OONO), the conjugate base of 
peroxynitrous acid (HOONO, pKa 6.5 (LØgager and Sehested, 1993)), are formed in the 
photoreduction of NO3- (Daniels et al., 1968; Alif and Boule, 1991; Mark et al., 1996; 
Sharpless and Linden, 2001) and are possible intermediates in our system.  
Peroxynitrite, –OONO, can scavenge ·OH and also lead to formation of NO2- (Sharpless 
and Linden, 2001) both of which would decrease the apparent rate constant k for the 
forward reaction of NO2- to NO3-.  Similarly, peroxynitrate, –OONO2, could have the 
same effect of decreasing the apparent rate constant k for the forward reaction of NO2- 
to NO3-.  Further evidence is required to support or refute the involvement of any 
intermediates discussed in this paragraph. 
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2.4. Conclusions 
This research provides theoretical results that could serve as a guide for an 
effective design of NH4+/NH3 removal in water and wastewater treatment systems.  
Efforts to optimize rates of NH4+/NH3 photocatalytic oxidation should focus on pH 
control to increase the fraction of total NH4+/NH3 in the form of NH3 and should 
provide sufficient TiO2 for complete oxidation of NO2- and NO3-.  If followed by a 
treatment process such as ion exchange for NO3- removal, TiO2 photocatalytic oxidation 
of NH4+/NH3 could be an alternative to biological nitrification for specialized 
applications such as water recycling on long-term space missions, small-scale water 
treatment systems, and temporary wastewater treatment systems used in disaster relief.     
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CHAPTER 3∗ 
Effect of Inorganic Anions on the Titanium Dioxide-Based  
Photocatalytic Oxidation of Aqueous Ammonia and Nitrite 
 
3.1. Introduction 
 Inorganic anions, such as chloride (Cl-), sulfate (SO42-), phosphate (H2PO4-
/HPO42-), and bicarbonate/carbonate (HCO3-/CO32-), are commonly present in 
wastewater with concentrations up to 1.5 × 10-3 M (Tchobanoglous et al., 2003).  Many 
researchers have investigated the effects of inorganic anions on titanium dioxide (TiO2)-
based photocatalytic degradation of organic compounds (Abdullah et al., 1990; Chen et 
al., 1997; Wang et al., 1999; Calza and Pelizzetti, 2001; Xia et al., 2002; Sökmen and 
Özkan, 2002; Hu et al., 2003, 2004; Özkan et al., 2004; Zhang et al., 2005).  To the best 
of our knowledge, only Chen and Cao (2002) have studied the effect of Cl-, SO42- and 
NO3- on NO2- photocatalytic oxidation using TiO2 supported on hollow glass 
microbeads at pH 5.  However, no systematic study has been done on the effect of 
inorganic anions on the TiO2–based photocatalytic oxidation of both NH4+/NH3 and 
NO2- as a function of pH.  Accordingly, to effectively remove NH4+/NH3 and NO2- from 
water and wastewater, it is critical to study whether inorganic anions could influence 
their photocatalytic oxidation.  In this research, we investigated the effects of Cl-, SO42-, 
                                                 
∗ This chapter reprinted from “Journal of Photochemistry and Photobiology A: 
Chemistry 185, Zhu, X. D.; Nanny, M. A.; Butler, E. C. Effect of inorganic anions on 
the titanium dioxide-based photocatalytic oxidation of aqueous ammonia and nitrite, 
289-294, 2007, Copyright (2007), with permission from Elsevier”. 
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H2PO4-/HPO42-, and HCO3-/CO32- on NH4+/NH3 and NO2- photocatalytic oxidation in 
TiO2 suspensions for the pH range of 4-11.  
 Previous studies have shown that inorganic anions can scavenge ·OH to form the 
corresponding anion radicals (Jayson et al., 1973; Neta et al., 1988; Kochany and 
Lipczynska-Kochany, 1992; Wu et al., 2002; Brusa and Grela, 2003).  An example of 
·OH scavenging by CO32- to form the carbonate radical (CO3·-) (Neta et al., 1988) is 
shown below:   
CO32-  + ·OH → OH-  + CO3·-    (3.1) 
Hydroxyl radical scavenging by the anions Cl-, SO42-, and H2PO4-/HPO42- as well as 
formation of the corresponding anion radicals  (HOCl·-, SO4·-, H2PO4·/HPO4·-) have 
also been shown in aqueous solutions (Neta et al., 1988).  Hydroxyl radical scavenging 
of the anions Cl-, HCO3-/CO32-, SO42-, and H2PO4-/HPO42- may influence the 
photocatalytic oxidation of organic compounds (Wang et al., 1999; Hu et al., 2003, 
2004; Zhang et al., 2005; Liao et al., 2001) by destroying the reactive species ·OH.  The 
corresponding anion radicals can themselves oxidize organic and inorganic compounds 
at different rates (Neta et al., 1988; Paruthamuthu and Neta, 1978; Neta et al., 1978), 
which can also influence overall rates of photocatalytic oxidation.  
 Previous researchers (Abdullah et al., 1990; Chen et al., 1997; Wang et al., 
1999; Calza and Pelizzetti, 2001; Xia et al., 2002; Zhang et al., 2005) have proposed 
that competitive adsorption of the inorganic anions for active sites on the TiO2 surface 
may also influence the photocatalytic degradation of organic compounds.  For example, 
0.01 M Cl- was found to decrease the degradation rate of 2-chlorophenol and 2-
nitrophenol at pH values lower than the TiO2 point of zero charge (pHpzc) (6.2-7.5 for 
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Degussa TiO2 P 25 (Fernández-Nieves et al., 1998; Kosmulski, 2004)), while Cl- had no 
inhibitory effect at pH values greater than the pHpzc due to negligible adsorption to the 
negatively charged TiO2 surface (Wang et al., 1999).  Similarly, SO42- and H2PO4- 
decreased the rate of photocatalytic degradation of ethanol, salicylic acid, and aniline at 
pH 4.1, which was attributed to electrostatic adsorption of these anions to the TiO2 
surface (Abdullah et al., 1990).  Decreased photocatalytic oxidation rates of an azo dye 
at neutral pH in the presence of H2PO4-/HPO42- were also observed (Hu et al., 2004).  
This was possibly because of specific (i.e., non-electrostatic) adsorption of H2PO4-
/HPO42- to the TiO2 surface (Connor and McQuillan, 1999, Chen et al., 2003).  
 In this research, we hypothesized that inorganic anions would influence rates of 
NH4+/NH3 and NO2- photocatalytic oxidation in one of the following ways: (i) ·OH 
scavenging by inorganic anions, (ii) direct oxidation of NH4+/NH3 and NO2- by anion 
radicals, or (iii) adsorption of inorganic anions to the TiO2 surface.  We studied the 
photocatalytic oxidation of NH4+/NH3 and NO2- as a function of pH with the four 
inorganic anions (Cl-, SO42-, HPO42-/H2PO4-, and HCO3-/CO32-) that are commonly 
present in water and wastewater.  Since ·OH can be generated by UV illumination of 
H2O2 (Chu, 2001), we used UV-illuminated H2O2 to study ·OH scavenging by inorganic 
anions and direct oxidation of NH4+/NH3 and NO2- by anion radicals.  Adsorption 
experiments were also conducted to measure the extent of adsorption of the different 
anions to the TiO2 surface.  
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3.2. Materials and Methods 
3.2.1. Chemicals   
 Degussa TiO2 P 25  (Akron, OH) was used without purification unless specifically 
mentioned.  This catalyst had a BET surface area of 50 ± 15 m2/g and an average 
primary particle size of 21 nm (Degussa Corporation).  Nanopure water (18.1 MΩ ·cm) 
from an InfinityTM ultrapure water system (model D8961, Barnstead; Dubuque, IA) was 
used to prepare solutions in this study.  The chemicals NaNO2, NaNO3 (Sigma-Aldrich; 
Milwaukee, WI), NH4Cl, (NH4)2SO4 (Alfa Aesar, Ward Hill, MA), (NH4)2CO3, and 
(NH4)2HPO4 (Fisher Scientific, Fairlawn, NJ) were used as NO2-, NO3-, and NH4+/NH3 
sources.  Sodium salts [Na2SO4, NaCl (Alfa Aesar), Na2HPO4/NaH2PO4 (Aldrich), and 
NaHCO3/Na2CO3 (Fisher Scientific)] were used as inorganic anion sources.  Thirty 
percent H2O2 (Fisher Scientific) was used for the homogeneous photochemical 
oxidation of NH4+/NH3 and NO2-. 
 
3.2.2. Photocatalytic Oxidation Experiments  
The photochemical reactor (model 7840-185, Ace Glass, Vineland, NJ) 
consisted of three major components: a cylindrical Pyrex glass reactor, a double-walled 
quartz cooling water jacket, and a 450 W medium pressure Hg lamp. The cooling water 
jacket was inserted into the reactor, and the UV lamp was then placed inside the quartz 
cooling jacket.  More details about the experimental apparatus have been reported in 
chapter 2.  Our previous study showed that when 3 g/L TiO2 was used there was no 
significant homogeneous photochemical reaction of NH4+/NH3, because the high 
concentration of TiO2 blocked UV transmittance to the interior portions of the reactor 
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(chapter 2).  Therefore, to accurately evaluate photocatalytic oxidation of NH4+/NH3 
and NO2- in the presence of inorganic anions, 3 g/L TiO2 was used in this study, except 
for homogeneous photochemical reactions where H2O2 and not TiO2 was used as the 
·OH source.  The reaction solution was stirred with a magnetic stirrer to maintain a 
homogeneous TiO2 suspension.  Samples were taken during kinetic studies and filtered 
through 0.1 µm filter membranes, and the filtrates were used for measurement of pH, 
NH4+/NH3, NO2-, and NO3-.   
 
3.2.3. Adsorption Experiments   
Since the commercial Degussa TiO2 P 25 contains ≤ 0.3% Cl- by weight 
(Degussa Website) and we measured 0.95 mg dissolved Cl-/g TiO2 as an impurity, the 
TiO2 was washed with nanopure water until the aqueous concentration of Cl- was lower 
than the detection limit of the ion chromatograph (1 × 10-6 M).  No significant 
difference in the initial rate of NO2- photocatalytic oxidation at pH ~10 in the presence 
of 1 × 10-3 M Na2SO4 between the washed and unwashed TiO2 was observed.  In 
addition, the extent of adsorption to the washed and unwashed TiO2 was the same when 
H2PO4-/HPO42- and SO42- were used as the adsorbates.  These experiments show that 
neither the Cl- impurity nor the washing treatment affected the TiO2 reactivity or 
adsorption behavior.  
Sodium perchlorate (NaClO4, 0.01 M) was used as an inert electrolyte for 
adsorption experiments to maintain a constant ionic strength.  To obtain a range of 
anion adsorption densities on the TiO2 (3 g/L) surface over the pH range of 3-11, 2 × 
10-4 M was chosen as the initial concentration of Na2SO4, NaH2PO4, or NaCl.  
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Adsorption of HCO3-/CO32- to the TiO2 surface in acidic solutions was not measured 
because HCO3- would be protonated to form dissolved CO2 and carbonic acid under 
these conditions.  Adsorption of HCO3-/CO32- to the TiO2 surface also was not measured 
in alkaline solutions due to interference by desorption of CO2 from the Degussa TiO2 P 
25, as determined by a Shimadzu Total Organic Carbon Analyzer (TOC 5050A/ASI 
5000A).  At neutral pH, however, no significant adsorption of HCO3- was observed by 
measuring the inorganic carbon in the equilibrated aqueous solution using the TOC 
5050A/ASI 5000A, and adsorption would likely be even lower in alkaline solutions, due 
to the increased negative charge of the TiO2 surface at higher pH values.   
The suspensions were adjusted to the target pH values using 1 M HClO4 or 
NaOH and shaken for 24 hours in a constant temperature chamber (Sheldon 
Manufacturing, Model 2020, Cornelius, OR) at 25 ºC.  The equilibrated suspensions 
were then filtered through the 0.1 µm membranes, and the filtrates were used for 
measurement of Cl-, SO42-, H2PO4-/HPO42-, and HCO3-.  The percent adsorbed for each 
anion was calculated by dividing the adsorbed concentration of the anion by its total 
concentration. 
 
3.2.4. Analytical Methods 
The concentrations of NO2-, NO3-, Cl-, SO42-, and H2PO4-/HPO42- were 
determined using a Dionex ion chromatograph with an Ion Pac® AG 11 guard column 
(4 × 50 mm), an Ion Pac® AS 11 anion analytical column (4 × 250 mm), and an ED 50 
conductivity detector, as described in chapter 2.  An ammonia gas-sensing electrode 
(model 95-12, Thermo Orion; Beverly, MA) was used to determine the concentration of 
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NH4+/NH3, and the measurement procedure is also reported in chapter 2.  A pH 
electrode (91-56, Thermo Orion) was used for pH measurement. 
 Five-point external standard calibration curves were used to calculate the 
concentrations of NH4+/NH3, NO2-, NO3-, Cl-, HCO3-, SO42-, and H2PO4-/HPO42-.  The 
standard solutions were prepared daily, and analysis of the standards was repeated every 
20 samples.  To minimize the potentially confounding effect of variable pH during the 
reaction, the initial rate was calculated from the best linear fit of NH4+/NH3 or NO2- 
concentration versus time for the time period where both the pH and slope were nearly 
constant, and the error bars in Figures 3.1 and 3.4 are 95% confidence intervals of the 
initial rates.  
 
3.3. Results and Discussion 
3.3.1. NH4+/NH3 Photocatalytic Oxidation 
To examine the effects of inorganic anions on NH4+/NH3 photocatalytic 
oxidation, we chose pH values of ~9  (8.7-9.1) and ~10 (10.1-10.3), because the 
photocatalytic oxidation of NH4+/NH3 is very slow or negligible at pH values lower than 
9 (Pollema et al., 1999; Wang et al., 1994; Bonsen et al., 1997; chapter 2).  In addition, 
pH ~11 (11.0-11.1) was chosen to separate the effects of HCO3- and CO32- on 
NH4+/NH3 photocatalytic oxidation, because the speciation of HCO3-/CO32- is pH 
dependent with a pKa value of 10.3 for HCO3- (Stumm and Morgan, 1996).  The pH 
change we used was higher than the pHpzc of the Degussa TiO2 (6.2-7.5 (Hoffmann et 
al., 1995; Fernandez-Nieves et al., 1998)).  For comparison, three control experiments 
(where no anions were added) were also conducted at pH ~9, ~10, and ~11.  Figure 3.1 
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illustrates the initial rates of NH4+/NH3 photocatalytic oxidation in the presence of 
inorganic anions, as well as the control experiments, at these pH values.  
When no anions were added, the initial rate of NH4+/NH3 photocatalytic 
oxidation was approximately 50% higher at pH ~10 compared to pH ~9, and the same 
trend was observed in the presence of Cl- and SO42- (Figure 3.1).  This increase in rates 
with pH is consistent with the fact that at pH ~10 versus ~9 a greater fraction of 
NH4+/NH3 is in the form of neutral NH3, which is more reactive with electrophilic ·OH 
than is NH4+ (Ogata et al., 1981).  Compared to the control experiments, SO42-, Cl-, and 
HCO3- yielded similar rates of NH4+/NH3 photocatalytic oxidation at a given pH, while 
HPO42- yielded a higher rate, and CO32- yielded a lower rate (Figure 3.1).  We first 
postulated that these differences were due to either (i) different rates of ·OH scavenging 
by Cl-, SO42-, HPO42-, HCO3-/CO32- (Buxton et al., 1988) and/or (ii) different rates of 
direct oxidation of NH4+/NH3 by anion radicals. 
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Figure 3.1.  Effect of inorganic anions on NH4+/NH3 photocatalytic oxidation at pH ~9 
and ~10 (pH ~11 for CO32-).  [NH4+/NH3]: (9.6 ± 0.6) × 10-5 M; [anion]: 1 × 10-3 M; 
[TiO2]: 3 g/L; error bars are 95% confidence intervals.  
 
 
3.3.1.1. Role of ·OH scavenging by anions and/or direct oxidation by anion radicals  
To determine whether ·OH scavenging and/or direct oxidation by anion radicals 
were responsible for rate differences between the different anions, we performed 
NH4+/NH3 oxidation experiments with UV-illuminated H2O2 (UV/H2O2) in the presence 
of Cl-, SO42-, HPO42-, and HCO3-/CO32- at pH ~10, and CO32- at pH ~11.  In this system, 
H2O2 generates ·OH under UV irradiation (Chu, 2001), which can be scavenged by 
anions in the solution to form the corresponding anion radicals (e.g., reaction 3.1).  A 
Vycor filter (ACE glass) was used to block wavelengths lower than 220 nm to prevent 
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possible reactions of aqueous NH3 with oxidants other than ·OH, including ozone 
generated from photodissociation of O2 (Steinfeld et al., 1999).  The results of these 
experiments are shown in Figure 3.2.   
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Figure 3.2.  Effect of inorganic anions on the homogeneous photochemical oxidation of 
NH4+/NH3 by UV/H2O2 with a Vycor filter at pH ~10, except for the data series labeled 
CO32-, which was done at pH ~11. [NH4+/NH3]: (9.6 ± 0.6) × 10-5 M; [H2O2] = 0.001 M; 
[anion]: 0.005 M. 
 
There was no significant NH4+/NH3 oxidation in the presence of either HCO3-
/CO32- (pH ~10) or CO32- (pH ~11), but significant oxidation in the presence of Cl-, 
SO42-, and HPO42- (Figure 3.2), which is evidence that CO32- is a better ·OH scavenger 
than Cl-, SO42-, or HPO42-.  In the presence of CO32- at pH ~11, the initial rate of the 
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TiO2-based NH4+/NH3 photocatalytic oxidation was about one third the rate when Cl-, 
SO42-, or HPO42- was present at pH ~10 (Figure 3.1), which is additional evidence of 
efficient ·OH scavenging by CO32- under these conditions.  Since approximately 50% of 
HCO3-/CO32- is in the form of CO32- at pH ~10, our experiments do not provide 
information on the relative ·OH scavenging efficiency of CO32- versus HCO3-.  However, 
Buxton et al. (1988) reported that CO32- scavenges ·OH more rapidly than HCO3- with 
second order rate constants of 3.9 × 108 M-1 s-1 for CO32- and 8.5 × 106 M-1 s-1 for 
HCO3-.  This can explain why we observed a smaller initial rate of NH4+/NH3 
photocatalytic oxidation at pH ~11 (when CO32- was the predominant species) than at 
pH ~9 (when HCO3- was the predominant species) (Figure 3.1).  As a practical matter, 
these results suggest that carbonate alkalinity can strongly affect the rates of NH4+/NH3 
photocatalytic oxidation at pH values where significant CO32- is present.     
Figure 3.2 also shows that there was no significant difference in initial rates of 
NH4+/NH3 oxidation by UV/H2O2 in the presence of Cl-, SO42-, or HPO42-, unlike the 
results from TiO2-based NH4+/NH3 photocatalytic oxidation (Figure 3.1), where HPO42- 
led to faster rates than the other anions.  This suggests that, unlike CO32- and possibly 
HCO3-, ·OH scavenging by Cl-, SO42-, or HPO42- or direct oxidation of NH4+/NH3 by the 
corresponding anion radicals do not influence reaction rates in the TiO2 photocatalytic 
system.  If these processes did control reaction rates in the UV/TiO2 system, we would 
expect the same trends in reactivity in both the UV/TiO2 and the UV/H2O2 systems, 
which we did not observe.  Based on this, we next examined whether adsorption of 
anions to the TiO2 surface was responsible for the differences in TiO2 photocatalytic 
oxidation rates when HPO4- versus SO42-, Cl-, or HCO3- was present (Figure 3.1).   
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3.3.1.2. Role of anion adsorption  
The adsorption of H2PO4-/HPO42-, SO42-, and Cl- to the TiO2 surface over the pH 
range of 3-11 is shown in Figure 3.3.   
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Figure 3.3.  Adsorption of chloride (Cl-), sulfate (SO42-) and phosphate               
(H2PO4-/HPO42-). [anion]: 2 × 10-4 M; [NaClO4]: 0.01 M; [TiO2]: 3 g/L; adsorption 
equilibrium time: 24 hours. pHpzc of the Degussa TiO2 is 6.2-7.5 (Hoffmann et al., 1995; 
Fernández-Nieves et al., 1998).   
 
 
There was significant adsorption of HPO42-, but no significant adsorption of 
Cl- and SO42-, at pH ~9 and ~10.  Based on this, as well as the greater rate of NH4+/NH3 
photocatalytic oxidation in the presence of HPO42- versus Cl-, SO42-, and HCO3- (Figure 
3.1), we concluded that adsorption of HPO42- actually enhanced the initial rate of 
NH4+/NH3 photocatalytic oxidation.  This may be because adsorption of HPO42- 
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increased the negative charge of the TiO2 surface (Hingston et al., 1967), and this 
negative charge could transfer to the TiO2 surface through some pathways, which might 
neutralize NH4+ to NH3.  This would result in a greater initial rate of NH4+/NH3 
photocatalytic oxidation, because NH3 reacts more rapidly with ·OH than does NH4+ 
(Ogata et al., 1981).  To make this process possible, the pKa value of TiO2 with 
adsorbed phosphate should be higher than that of NH4+ (9.3).  However, to the best of 
our knowledge, there is no reported pKa value for phosphate-adsorbed TiO2 in the 
literature.  Therefore, some further research is needed to find the pKa value to support 
our speculation. 
 
3.3.2. NO2- Photocatalytic Oxidation 
Since NO2- is an important intermediate in the photocatalytic oxidation of 
NH4+/NH3 (Wang et al., 1994; Takeda and Fujiwara, 1996; Bonsen et al., 1997; Pollema 
et al., 1999; Takeda and Fujiwara, 1996, chapter 2), we also studied how inorganic 
anions affected NO2- photocatalytic oxidation.  For these experiments, we chose a broad 
pH range of 4-11 since the different phenomena that could affect reaction rates, such as 
adsorption, would likely vary significantly over this pH range.  Note that we did not 
study NO2- photocatalytic oxidation in the presence of HCO3- at acidic pH (< 7.5), 
because HCO3- would be protonated to form dissolved CO2 and carbonic acid under 
these conditions.  The initial rate of NO2- photocatalytic oxidation was also measured 
when no anions were added (control experiment).  Figure 3.4 shows the initial rates of 
NO2- photocatalytic oxidation in the presence of the anions, as well as the control 
experiment. 
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Figure 3.4.  Effect of inorganic anions on NO2- photocatalytic oxidation between pH 4 
and 11. [NO2-]: (1.9 ± 0.1) × 10-4 M; [anion]:  1 × 10-3 M; [TiO2]: 3 g/L; error bars are 
95% confidence intervals.  Some data for the SO42- panel were previously reported in 
chapter 2.  Open circles represent the initial rate of NO2- photocatalytic oxidation at pH 
~ 6 when no anions were added. 
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A comparison of Figures 3.1 and 3.4 shows that NO2- photocatalytic oxidation 
occurs much faster than NH4+/NH3 photocatalytic oxidation in the presence of common 
wastewater anions at pH ~9 and ~10 (the pH values below which no significant 
photocatalytic oxidation of NH4+/NH3 is observed).  Thus, photocatalytic oxidation of 
NH4+/NH3 to NO2- is the rate-limiting step in the complete oxidation of NH4+/NH3 to 
NO3- in the presence of these anions.   
In alkaline solutions (pH > 7.5), the initial rates of NO2- photocatalytic oxidation 
decreased with increasing pH in the presence of all anions (Figure 3.4).  This decrease 
in rate may be explained by decreasing adsorption of NO2- to the TiO2 surface with 
increasing pH due to electrostatic repulsion (chapter 2) and/or the involvement of one or 
more acid-conjugate base pairs of possible intermediates, such as HOONO/-OONO or 
HOONO2/-OONO2, in which the conjugate base acts as a ·OH scavenger or otherwise 
slows the oxidation of NO2- to NO3- (chapter 2).  Both phenomena could explain the 
uniform trend of decreasing reaction rates with increasing pH in this pH region.   
Compared to the control experiment, SO42- and H2PO4-, but not Cl-, inhibited NO2- 
photocatalytic oxidation at pH ~6.  In addition, at low to neutral pH in the presence of 
SO42- and H2PO4-/HPO42-, the initial rate of NO2- photocatalytic oxidation increased 
with increasing pH to a maximum at pH ~7.5 (Figure 3.4).  However, nearly constant 
initial rates were observed for Cl- in this pH range.  All these phenomena are possibly 
due to different adsorption densities of the anions to the TiO2 surface.  Next we correlated 
the initial rates of NO2- photocatalytic oxidation with adsorption densities of anions at low 
to neutral pH values.  
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3.3.2.1. Role of anion adsorption 
The negligible adsorption of Cl- to the TiO2 surface at low to neutral pH (Figure 
3.3) is likely responsible for the nearly constant initial rates for Cl- in this pH region 
(i.e., no rate increase with increasing pH).  The decrease in adsorption densities of SO42- 
and H2PO4-/HPO42- on the TiO2 surface with increasing pH up to pH ~7.5, as shown in 
Figure 3.3, can explain the increasing initial rates in the presence of these anions.  At 
low to neutral pH values, greater adsorption of H2PO4-/HPO42- to the TiO2 surface 
(Figure 3.3) decreased the rate of NO2- photocatalytic oxidation more than the other 
anions, for which adsorption was less significant.  This is because greater adsorption of 
H2PO4-/HPO42- would result in competition with NO2- for adsorption sites, slowing the 
NO2- oxidation rate.  The different kinetic behavior for NO2- and NH4+/NH3 photocatalytic 
oxidation in the presence of H2PO4-/HPO42- (i.e., increased reaction rates for NH4+/NH3 
photocatalytic oxidation and decreased reaction rates for NO2- photocatalytic oxidation) 
may be due in part to the fact that rates of NO2- photocatalytic oxidation are more surface-
area -dependent than rates of NH4+/NH3 photocatalytic oxidation (chapter 2), perhaps due to 
a closer association of NO2- with the TiO2 surface. 
Consistent with these observations, Figure 3.4 also illustrates that for any given 
pH value lower than 7.5, initial rates of NO2- photocatalytic oxidation increased in the 
order H2PO4-/HPO42- < SO42- < Cl-, which correlates with decreasing extent of 
adsorption to the TiO2 surface (H2PO4-/HPO42- > SO42- > Cl-) (Figure 3.3).  Additional 
evidence that anion adsorption inhibits NO2- photocatalytic oxidation below neutral pH 
comes from experiments at pH ~6 in which the concentration of H2PO4-/HPO42- was 
varied.  When the concentration of H2PO4-/HPO42- was decreased from 1 × 10-3 M to 1 
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× 10-4 M, the initial rate increased from (1.76 ± 0.1) × 10-6 M min-1 to (4.98 ± 0.27) × 
10-6 M min-1.  Interestingly, despite significant adsorption of H2PO4-/HPO42- to the TiO2 
surface over a range of pH values, NO2- photocatalytic oxidation was never completely 
inhibited, which has practical application for treatment of high H2PO4-/HPO42- 
wastewaters.     
 
3.4. Conclusions 
  In this study, we systematically investigated NH4+/NH3 and NO2- photocatalytic 
oxidation in the presence of common inorganic anions in a bench scale reactor.  
Neither ·OH scavenging by Cl-, SO42-, or HPO42-, nor direct oxidation by the 
corresponding anion radicals, was significant in TiO2 photocatalytic oxidation of 
NH4+/NH3, but CO32- significantly inhibited NH4+/NH3 oxidation due to its efficient 
·OH scavenging.  The presence of Cl-, SO42-, or HCO3- did not inhibit photocatalytic 
oxidation since there was negligible adsorption of these species at the pH values at 
which NH4+/NH3 oxidation occurs (>9).  Adsorption of HPO42- resulted in enhanced 
NH4+/NH3 photocatalytic oxidation.   
 At pH values lower than ~7.5, Cl- had no effect on the initial rates of NO2- 
photocatalytic oxidation, while SO42- and H2PO4-/HPO42- slowed NO2- oxidation due to 
adsorption to the TiO2 surface.  At pH greater than ~7.5 the initial rates of NO2- 
photocatalytic oxidation were similar and independent of the anion present.  H2PO4-
/HPO42- did not dramatically hinder NO2- photocatalytic oxidation, despite the fact that 
there was significant adsorption of HPO42- in this pH region. 
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  Our results indicate that photocatalytic oxidation of NH4+/NH3 to NO2- is the 
rate-limiting step in the complete oxidation of NH4+/NH3 to NO3- in the presence of 
common wastewater anions.  Therefore, conditions such as alkaline pH should be 
chosen to maximize the NH4+/NH3 oxidation rate, and not the NO2- oxidation rate, in 
treatment processes designed to remove NH4+/NN3 from water and wastewater.  In 
addition, pretreatment to lower carbonate alkalinity is likely needed for wastewater with 
high carbonate alkalinity prior to NH4+/NH3 removal by TiO2 photocatalytic oxidation 
at pH values above ~9.  Typical wastewater concentrations of Cl-, SO42-, and HPO42- 
should not adversely affect NH4+/NH3 removal by TiO2 photocatalytic oxidation. 
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CHAPTER 4 
 
The Role of Hydroxyl Radicals in the  
Photocatalytic Oxidation of Aqueous Ammonia in Model Graywaters 
 
4.1. Introduction  
Graywater, or wastewater generated in households from showers, bathtubs, 
sinks, and washing machines, accounts for more than 50% of domestic wastewater 
(Roesner et al., 2006).  Graywater is a good potential source for water recycling to 
compensate for the increased water demand in the world because of population growth.  
Synthetic surfactants are commonly present in graywater due to the use of personal care 
products (Karsa, 1999; Eriksson et al., 2002).  Surfactants could decrease the 
concentration of dissolved O2 in graywater due to their biochemical oxygen demand, 
and low concentrations of surfactant (e.g., 1 ppm) are toxic to certain fish like trout 
(Rao, 1991).  Aqueous ammonia (NH4+/NH3) is another constituent of graywater 
(Eriksson et al., 2002; Ramon et al., 2004) that could deteriorate water quality due to 
depletion of dissolved O2 (Delwiche, 1981).  In addition, concentrations of 1 - 4.5 mg/L 
NH3 killed 50% of the fish studied after 24-hour exposure (Hued et al., 2006). 
A variety of studies have shown that surfactants can be photocatalytically 
degraded by hydroxyl radical (·OH), a non-selective oxidant produced by UV 
illuminated TiO2, with different reaction rates (Hidaka et al., 1990, 1995; Zhao et al., 
1992, 1998; Hermann et al., 1997; Prevot et al., 1999; Gelover et al., 2000; Jiménez et 
al, 2000; Ohtaki et al., 2000; Fabbri et al., 2004, 2006), possibly resulting from different 
extents of adsorption of surfactants to the TiO2 surface.  For example, Hidaka et al. 
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(1990) reported that the photodegradation rates of surfactants in acidic solutions 
decreased in the order of anionic, nonionic, and cationic surfactants.  They attributed 
this to different adsorption affinities to the positively charged TiO2 surface (Hidaka, 
1990).  In another work, Zhang et al. (2003) studied the photocatalytic degradation of 
sodium dodecylbenzene sulfonate (SDBS) and observed different degradation rates at 
pH 2.6, 5, and 8.4, due to different extents of adsorption to the TiO2 surface. 
Surfactants could compete with other solutes, for example NH4+/NH3, for active 
sites at the TiO2 surface (Turchi and Ollis, 1989; Al-Ekabi et al., 1989; Leng et al., 
2000), which could influence the photocatalytic degradation of the target compound.  
For example, Fabbri et al. (2004) showed that when the concentration of sodium 
dodecylsulfate (SDS) was lower than the critical micelle concentration (CMC) (1 × 10-3 
M), SDS significantly decreased the photocatalytic degradation rate of 2,4,5-
trichlorophenol (2,4,5-TCP).  This was attributed to competitive adsorption between 
SDS and 2,4,5-TCP for the active sites on the TiO2 surface (Fabbri et al., 2004). 
The byproducts of surfactant photocatalytic degradation are varied.  NH4+/NH3 
and nitrate (NO3-) were detected from the photocatalytic degradation of nitrogen-
containing surfactants (Hidaka et al., 1995; Prevot et al., 1999).  Carbon dioxide (CO2) 
was observed in surfactant degradation including SDBS (Hidaka et al., 1992, 1995).  
Some other reported products include p-phenolsulfonic acid, hydroquinone, and p-
quinone (Sangchakr et al., 1995), an alcohol, a ketone, a cyclic diketone, carboxylic 
esters, and a diol (Gelover et al., 2000), aldehydes, and peroxide (Hidaka et al., 1992, 
1995) from the photocatalytic degradation of SDBS and other surfactants.  Formic acid 
and acetic acid were detected from the photocatalytic degradation of nonylphenol 
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polyethoxylate (9) (Horikoshi et al., 2002) and other surfactants including N-
dodecylpyridinium chloride and dodecanoyl-N- (2-hydroxylethyl) amide (Hidaka et al., 
1995).  All these byproducts could potentially serve as ·OH scavengers by reacting with 
(and consuming) ·OH.  This would, in turn, slow the degradation rates of other solutes 
such as NH4+/NH3.    
Despite the fact that NH4+/NH3 can be successfully photocatalytically degraded 
by TiO2 in simple model systems (Wang et al., 1994; Bonsen et al., 1997; Pollema et 
al., 1999; chapters 2 and 3), no studies have been done on the effect of surfactants and 
their byproducts on the photocatalytic degradation of NH4+/NH3.  Therefore, the overall 
goal of this research was to investigate the feasibility of using photocatalytic oxidation 
to remove NH4+/NH3 from graywater, which contains surfactants, and ultimately reuse 
the treated water.  The specific objective of this research was to study how surfactants 
influenced NH4+/NH3 photocatalytic degradation. We hypothesized that surfactants 
would decrease the photocatalytic degradation rate of NH4+/NH3 in one of the following 
ways: (a) competitive adsorption of surfactants with NH4+/NH3 for TiO2 surface sites, 
and/or (b) formation of ·OH scavengers during the photocatalytic degradation of 
surfactants.  
 
4.2. Experimental Section 
4.2.1. Chemicals   
 Degussa TiO2 Aeroxide® P 25  (Akron, OH) was used without purification.  The 
manufacturer-reported specific surface area was 50 ± 15 m2/g.  Nanopure water (18.1 
MΩ ·cm) from an InfinityTM ultrapure water system (model D8961, Barnstead; 
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Dubuque, IA) was used to prepare solutions.  Sodium nitrite (NaNO2), sodium nitrate 
(NaNO3) (Sigma-Aldrich; Milwaukee, WI), sodium formate (ICN Biomedicals Inc., 
Aurora, OH), sodium acetate (Merck KcaA, Darmstadt, Germany), and ammonium 
chloride (Alfa Aesar, Ward Hill, MA), were used as NO2-, NO3-, formate, acetate, and 
NH4+/NH3 sources to prepare standard solutions.  Sodium chloride (NaCl) (Alfa Aesar) 
was used to maintain a constant ionic strength (0.001 M).  Thirty percent H2O2 (Fisher 
Scientific, Fairlawn, NJ) was used as the ·OH source for the photodegradation of n-
butyl chloride (n-BuCl) (99.5%, Aldrich, Milwaukee, WI).  Cetylpyridinium chloride 
(CPC) (> 99%, Sigma-Aldrich St. Louis, MO), sodium dodecylbenzene sulfonate 
(SDBS) (~80%, Sigma), Tergitol nonylphenol polyethoxylate (10) (NP10) (Sigma), 
sodium dodecylsulfate (SDS) (> 99%, Sigma-Aldrich), 1-octanesulfonic acid sodium 
(OSNa) (~98%, Sigma), dihexyl sulfosuccinate sodium (DSNa) (80% in water, Fluka), 
cetyltrimethylammonium chloride (CTAC) (25 wt.% in water, Aldrich), Brij® 23 lauryl 
ether (Brij® 35, Sigma), and hexyl-β-D-glucoside (hexyl glucoside) (75% in water, 
Akzo Nobel Surface Chemistry LLC, Chicago, IL) were used in this study.  Two 
monosaccarides, helicin (99%, Aldrich) and allyl-tetra-O-acetyl-β-D-glucopyranoside 
(allyl glucoside) (98%, Aldrich), were also used.  The physical/chemical properties of 
the chemicals are summarized in Table 4.1.  All reagents were used as received. 
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Table 4.1. Physical/chemical properties of surfactants and monosaccharides 
Category   Chemicals Molecular structure MW (g/mol) CMC (M) (ref.) Solvent/temperature 
Sodium dodecyl sulfate (SDS)  288.38  1.62 × 10
-3 (1) H2O/25 ºC 
Sodium dodecylbenzene sulfonate (SDBS)  348.48  1 × 10
-3 (2) 0.001 M NaCl/26 ºC 
Dihexyl sulfosuccinate sodium (DSNa) CH3(CH2)5COOCH2CH(SO3)CH2COO(CH2)5CH3Na  388.45 
 1.4 × 10-2 (1) H2O/25 ºC 
  
  
Anionic 
surfactants 
1-Octanesulfonic acid sodium (OSNa)  216.27  0.16  (1) H2O /40 ºC 
Cetyltrimethylammonium chloride (CTAC) CH3(CH2)15N(CH3)3Cl  320 
 1.3 × 10-3 (1) H2O/30 ºC     
 
Cationic  
surfactants 
Cetylpyridinium chloride (CPC)  358  8 × 10
-4 (2)  0.001 M NaCl/26 ºC 
Nonylphenol polyethoxylate (NP10)  660  6.1 × 10
-5 (2) 0.001 M NaCl/26 ºC 
Brij® 23 lauryl ether (Brij® 35)                                                   n~ 23 1198 
 9.1 × 10-5 (3) Not available 
  
  
  
  
Nonionic  
surfactants 
 
Hexyl-β-D-glucoside 
 264.4  0.25 (4) H2O 
 
Helicin 
 284.26  Not available  Not available   
  
  
Monosaccharides  
Allyl-tetra-O-acetyl-β-D-glucopyranoside 
 
388.37   Not available  Not available 
CH3(CH2)11SO4Na
CH3(CH2)11(C6H4)SO3Na
CH3(CH2)7SO4Na
N
+
(CH2)15CH3
Cl
(OCH2CH2)10OHC9H19
58 
C12H25(OCH2CH2)nOH
O
O
O
O
O
O (CH2)5CH3
1. Rosen, 2004; 2. Determined by surface tension measurements using a Krüss K-8 interfacial tensiometer by the authors; 3. Sigma website; 4. Provided by Antrace Inc. 
  
4.2.2. Photocatalytic oxidation experiments  
We used a photochemical reactor from Ace glass (7841-06, Ace Glass; Vineland, 
NJ) (chapter 2) that was modified to fit a pH electrode (16 mm in diameter).  The reactor 
had three openings for inserting the pH electrode (Orion, 9802 BN), adding sodium 
hydroxide (NaOH), and sampling.  A step-by-step procedure of kinetic experiments is 
provided in Appendix A.  During the photocatalytic degradation of surfactants, the TiO2 
suspension abruptly becomes acidic after a short time of UV illumination (Hidaka et al., 
1986, 1990).  Since pH is an important parameter that influences NH4+/NH3 degradation 
rates, with higher rates at higher pH values (Wang et al., 1994; Bonsen et al., 1997; 
Pollema et al., 1999; Zhu et al., 2005, Zhu et al., 2007), a pH stat (Radiometer analytical, 
France) was used to control the suspension pH at ~10.1 (9.8-10.3).  At regular time 
intervals, samples were taken from the reactor using a 30 mL plastic sterile syringe with a 
leur slip tip, which was attached to an eighteen-inch piece of Teflon tubing (i.d. 3 mm).  
More details are given in chapter 2.  We used a 22500 G force centrifuge (IEC Multi, 
Thermo Incorporation) to remove TiO2 particles, and the supernatant was used to 
quantify surfactant concentrations. 
 
4.2.3. Adsorption experiments  
Adsorption experiments were conducted in 30 mL glass vials with Teflon-lined 
caps.  Blank experiments (i.e., surfactant with no TiO2) showed that adsorption of 
surfactants to the glass vials was negligible.  Sodium chloride (NaCl, 0.001 M) was used 
as an inert electrolyte for adsorption experiments to maintain a constant ionic strength.  
To be consistent with kinetic studies, 3 g/L TiO2 was also used for adsorption 
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experiments.  The solution pH was adjusted to ~10.1 using 1 M NaOH, and vials were 
then rotated on a shaker for 48 hours in a constant temperature chamber (Sheldon 
Manufacturing, Model 2020, Cornelius, OR) at 25 ºC.  Samples were then centrifuged 
and the supernatant used to determine the aqueous concentrations of surfactants by UV-
vis spectroscopy. 
 
4.2.4. Analytical methods 
Aqueous ammonia (NH4+/NH3) was measured using a gas-sensing electrode 
(model 95-12, Thermo Orion; Beverly, MA); details are given in chapter 2.  The 
concentrations of formate, acetate, NO2-, and NO3- were determined using a Dionex ion 
chromatograph (IC) with an Ion Pac® AG 11 guard column (4 × 50 mm), and an Ion Pac® 
AS 11 anion analytical column (4 × 250 mm), coupled with an ED 50 conductivity 
detector.  The total flow rate was 1 mL/min, which is the sum of three individual 
solutions (nanopure water, 5 mM NaOH, and 100 mM NaOH).  The following gradient 
program was used to control the flow rates of the three solutions.  For the first 2.5 
minutes, 1 mM NaOH was used, followed by ramping the NaOH concentration to 2 mM 
over 2 minutes, then to 5 mM NaOH over 2.5 minutes.  The NaOH concentration was 
then changed to 19.25 mM over 1 minute, and held isocratic for 3.5 minutes.  The 
concentration of n-BuCl was monitored by a Tekmar 7000 headspace 
autosampler/Shimadzu GC 17A /FID with a J&W GS-GASPRO capillary column (30 m 
× 0.32 mm).  The temperatures of the platen, line, and sample loop of the autosampler 
were all set at 80 ºC.  The temperatures of the oven, injector, and detector of the GC were 
isothermal at 120 ºC, 180 ºC, and 230 ºC, respectively.  The total GC run time was 17 
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minutes.  The procedures of preparation of n-BuCl stock and standard solutions are 
presented in Appendix A, and Appendix D provides the principle of the measurement of 
·OH. 
A UV-vis spectrophotometer (Shimadzu 1601, Columbia, MD) was used to 
determine the concentrations of SDBS, CPC, and NP10.  Concentrations were determined 
by a multiple wavelength method, for which the details are reported in Workman et al. 
(1998) and Hari et al. (2005).  A Shimadzu Total Organic Carbon Analyzer (TOC 
5050A/ASI 5000A) was used to determine the concentration of TOC. 
The concentrations of analytes were calculated by five point external standard 
calibration curves.  Standard solutions were prepared daily in duplicate.  A blank was 
analyzed before standard/sample measurements.  The data points shown in Figures 4.1, 
4.3, 4.6, and 4.7 are mean values of two duplicate analyses of the same sample, and 
duplicate analyses typically differed by less than 5%.  Error bars in Figures 4.2, 4.4, and 
4.5 are 95% confidence intervals.  
 
4.3. Results and discussion 
To examine the effect of surfactants on NH4+/NH3 photocatalytic degradation, a 
control experiment (where no surfactants were added) was first conducted to measure the 
initial rate of NH4+/NH3 degradation at pH ~10.1.  A concentration of (1.06 ± 0.14) × 10-4 
M NH4+/NH3 was used throughout this study to be representative of NH4+/NH3 
concentrations in graywater (Rose et al., 1991; Eriksson et al., 2002; Ramon et al., 2004).  
Initial rates were calculated from the slopes of plots of NH4+/NH3 versus time using 
linear least-squares regression with 95% confidence intervals, using data from the time 
 61
period during which approximately 60% of NH4+/NH3 was degraded.  In our initial 
experiments, we chose SDBS, CPC, and NP10 to represent the major categories of 
surfactants present in graywater, i.e., anionic, cationic, and nonionic surfactants, among 
which anion surfactant is the predominant category in personal care products and 
detergents formulations (Karsa, 1999; Gupta et al., 2003).   In domestic wastewater, the 
concentration of anionic surfactants ranges from 1-21 mg/L (Zoller, 1985, 2000; Gupta et 
al., 2003), or 8.6 × 10-6 - 6 × 10-5 M if an average molecular weight of linear alkyl 
benzene sulfonates (LAS) is 350 g/mol (calculated from the average alkyl chain length of 
12 (Castles et al., 1989).  In this study, we chose the median of this reported 
concentration range, 2 × 10-5 M, which is lower than the critical micelle concentrations of 
surfactants, as shown in Table 4.1.  While we detected inorganic nitrogen species, 
including NH4+/NH3 and NO3-, from the photocatalytic degradation of the cationic 
surfactant (e.g., CPC), they did not interfere with the measurement of NH4+/NH3 
degradation rates since only about 5% of CPC was transformed to inorganic nitrogen-
species (NH4+/NH3 and NO3-) in 2 hours of UV irradiation.   
Although homogeneous degradation of surfactants was insignificant in our 
photocatalytic kinetic studies due to blocking and scattering of UV light by 3 g/L TiO2, 
we still record the homogeneous degradation of the three surfactants, as shown in Figure 
E1.  Photocatalytic degradation of NH4+/NH3 and surfactants (SDBS, CPC, and NP10) 
was then investigated, and results are presented in Figure 4.1, and the product distribution 
is shown in Appendix E.  Figure 4.1 shows that more than 80% of surfactants were 
removed in 20 minutes, which was very fast compared to NH4+/NH3 degradation.  
Consistent with previous studies with NH4+/NH3 alone (Wang et al., 1994; Bonsen et al., 
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1997; Pollema et al., 1999; chapters 2 and 3), NO2- and NO3- were the major 
intermediates/products of photocatalytic degradation in the presence of surfactants (data 
not shown).   
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Figure 4.1. Photocatalytic degradation of NH4+/NH3 and surfactants at pH ~ 10.1. Open 
symbols are for the concentrations of surfactants and closed symbols are for NH4+/NH3 
degradation. [Surfactant]: 2 × 10-5 M; [NaCl]: 0.001 M; [NH3]T,0 ([NH4+] + [NH3]): (1.06 
± 0.14) × 10-4 M.  
 
 
 
Initial rates of NH4+/NH3 degradation, however, were slowed by surfactants, and 
decreased in the following order (from fastest to slowest): control (no surfactant) > SDBS 
> CPC > NP10 (Figure 4.2).  Specifically, SDBS, CPC, and NP10 decreased the initial 
rate of NH4+/NH3 photocatalytic degradation by approximately 50%, 60%, and 80%, 
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respectively.  First we speculated that adsorption of the surfactants at the TiO2 surface 
might be responsible for decreased rates of NH4+/NH3, as discussed below.  
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Figure 4.2. Initial rates of NH4+/NH3 photocatalytic degradation in the presence of 
surfactants at pH ~ 10.1. [Surfactant]: 2 × 10-5 M; [NaCl]: 0.001 M; [NH3]T,0 ([NH4+] + 
[NH3]): (1.06 ± 0.14) × 10-4 M. Error bars are 95% confidence intervals of initial rates of 
NH4+/NH3 degradation. 
 
 
4.3.1. Role of surfactant adsorption  
We measured adsorption of SDBS, CPC, and NP10 to the TiO2 surface at a 
surfactant concentration of 2 × 10-5 M, which was the same concentration used in kinetic 
experiments, and found that approximately 12 %, 17 %, and almost 77% of added NP10, 
 64
SDBS, and CPC, respectively, were adsorbed to the TiO2 surface.  Adsorption of SDBS 
was attributed to specific adsorption (Zhao et al., 1993), and adsorption of NP10 may 
have been via hydrogen bonding between the ether oxygen of the ethylene oxide group 
and hydroxyl group on the TiO2 surface (Penfold et al., 2002).  Adsorption of CPC was 
likely due to electrostatic attraction between the cationic surfactant and the negatively 
charged TiO2 surface (pHpzc of the Degussa TiO2 is 6.2-7.5 (Hoffmann et al., 1995; 
Fernández-Nieves et al., 1998)).  The small percent adsorbed values for NP10 and SDBS 
indicate that disappearance of NP10 and SDBS from aqueous solution (Figure 4.1) was 
mainly due to photocatalytic degradation.  For CPC, however, the initial decrease in 
concentration was due to both adsorption and degradation.  Evidence for CPC 
degradation includes the appearance of formate and acetate and the eventual decrease in 
TOC concentration over time (Figure 4.3).   The initial increase, then decrease, in TOC 
(Figure 4.3) may have been due to desorption of products upon degradation of adsorbed 
CPC.   
We also used our adsorption data to calculate the percent of the TiO2 surface 
covered by surfactants at the start of the kinetic experiments.  First we used the Gibbs 
adsorption equation (Rosen, 2004) to estimate the minimum surface coverage assuming 
that only the surfactant head group contacted the surface.  Then, we estimated the 
maximum TiO2 surface coverage by assuming that the entire surfactant molecule was 
lying on the TiO2 surface, which is possible when surfactant concentrations are an order 
of magnitude below their CMCs (Clint, 1992; Li and Tripp, 2002).  Since the NP10 
concentration we used (2 × 10-5 M) was only three times lower than its CMC (6 × 10-5 M, 
Table 4.1), the actual surface coverage by NP10 was likely below the maximum value.  
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The estimated surfactant coverages (minimum to maximum) were 0.6-4% for NP10, 0.5-
5% for SDBS, and 5-27% for CPC.  Examination of these numbers shows no relationship 
between TiO2 surface coverage and percent decrease in initial rates of NH4+/NH3 removal.  
For example, while only approximately 0.6% of the TiO2 surface was covered by NP10, 
the NH4+/NH3 initial rate decreased by approximately 80% when NP10 was added.  From 
this we concluded that some process other than adsorption was responsible for decreased 
initial rates of NH4+/NH3 in our system.  For higher surfactant loadings and/or lower TiO2 
surface area loadings, however, adsorption of surfactants could be detrimental to cosolute 
degradation (e.g., Fabbri et al., 2004).   
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Figure 4.3. Mass concentration of surfactants and selected products during the 
photocatalytic degradation of NH4+/NH3 and surfactants at pH ~ 10.1. [NH3]T,0: (1.06 ± 
0.14) × 10-4 M; [surfactant]: 2 × 10-5 M. [unidentified TOC] = [Remaining TOC]-Cformate-
Cacetate-Csurfactant, where C is the mass concentration of carbon; Data for panel A was 
obtained from an experiment where [NH3]T,0 was 1.5 × 10-4 M. 
 
 
 67
4.3.2. Role of ·OH scavengers  
Next, we investigated whether the products of surfactant photocatalytic 
degradation acted as ·OH scavengers, thereby slowing initial rates of NH4+/NH3 removal.  
We performed experiments that were identical in procedure to those illustrated in Figure 
4.1 for the first two hours, but that were then modified to facilitate estimation of the 
steady state ·OH concentration.  After UV illumination of the TiO2 slurry containing the 
NH4+/NH3-surfactant mixture for two hours, we removed the TiO2 particles by 
centrifugation and spiked the remaining supernatant (which contained potential ·OH 
scavengers) with hydrogen peroxide (H2O2) and n-BuCl, then illuminated it with UV 
light.  Upon illumination with UV light, H2O2 dissociates into ·OH (Chu, 2001).  A Vycor 
filter (Ace glass) was used to block wavelengths lower than 220 nm to prevent possible 
reactions of aqueous NH3 with oxidants other than ·OH, including ozone generated from 
photodissociation of O2 (Steinfeld, 1993).  The steady state concentration of ·OH was 
then calculated from the pseudo-first-order rate constant for n-BuCl decay, which we 
determined by monitoring [n-BuCl] over time (Liao et al., 2001).  Lower steady state 
concentrations of ·OH corresponded to higher concentrations of ·OH scavengers, due to 
reaction with and consumption of ·OH by the scavengers.   
We quantified the concentration of ·OH after two hours because at that time there 
was complete surfactant removal (Figure 4.1) but still significant surfactant byproducts 
remaining (as evidenced by TOC measurements) that could serve as potential ·OH 
scavengers.  While we measured the steady state ·OH concentration in the H2O2/UV 
system (no TiO2), the relative effect of ·OH scavengers on NH4+/NH3 degradation rates 
was expected to be the same in the TiO2/UV and H2O2/UV systems.  
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Examples of the photodegradation of n-BuCl under these conditions are illustrated 
in Figure 4.4.  About 90% of n-BuCl was degraded in 10 minutes for SDBS, and in 20 
minutes for NP10.  This indicates that less ·OH scavengers were formed during the 
photocatalytic degradation of SDBS than NP10, which can explain why we obtained a 
faster initial rate of NH4+/NH3 photocatalytic degradation in the presence of SDBS than 
NP10 (Figure 4.2).  
.  
Time (min)
C
on
ce
nt
ra
tio
n 
of
 n
-B
uC
l (
M
)
0 10 20 30 40
0
1e-6
2e-6
3e-6
4e-6
5e-6
6e-6
NP10
SDBS 
 
Figure 4.4. Photodegradation of n-BuCl by UV/H2O2 at pH ~10.1 with initial 
addition of surfactants.  A Vycor filter was used; [Surfactant]: 2 × 10-5 M; [NH3]T,0 
([NH4+] + [NH3]): (1.06 ± 0.14) × 10-4 M; [NaCl]: 0.001 M; lines are pseudo-first 
order reaction model fits of the concentration of n-BuCl versus time. 
 
 
 
We also expanded our study to include other surfactants because preliminary 
experiments with CPC, NP10, and SDBS showed a good correlation between initial rates 
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of NH4+/NH3 degradation and [·OH].  Additional surfactants were chosen to identify the 
effects of different functional groups on the formation of ·OH scavengers and ultimately 
on NH4+/NH3 reaction rates.  We chose sodium dodecyl sulfate (SDS), 
cetyltrimethylammonium chloride (CTAC), and Brij® 35 because these surfactants are 
similar in structure to SDBS, CPC, and NP10, respectively, but don’t contain aromatic 
rings.  1-Octanesulfonic acid sodium (OSNa) is similar in structure to SDS, but with a 
shorter linear alkyl chain (OSNa).  Unlike SDS, dihexyl sulfosuccinate sodium (DSNa) 
has a branched alkyl chain.  Hexyl-β-D-glucoside (hexyl glucoside) is similar to NP10 
and Brij® 35, but with a different head group.  We also chose two monosaccharides, 
helicin and allyl-tetra-O-acetyl-β-D-glucopyranoside (allyl glucoside) (Table 4.1) that are 
present in graywater (Konopka, 1997) and have similar structures as surfactants, to 
determine their effect on NH4+/NH3 photocatalytic degradation.  Except for Brij® 35, we 
used a concentration of 2 × 10-5 M surfactant or monosaccharide.  A lower concentration 
of Brij® 35 (1.2 × 10-5 M) was used to get a measurable initial rate of NH4+/NH3 
photocatalytic degradation.  Photodegradation of n-BuCl with initial addition of these 
compounds are shown in Appendix D.  Profiles of the photocatalytic degradation of 
NH4+/NH3 and surfactants and their product distribution are illustrated in Appendix E. 
The relationship between the relative initial rate of NH4+/NH3 photocatalytic 
degradation and the relative steady-state concentration of ·OH (both are relative to the 
control experiment) is illustrated in Figure 4.5.  Specifically, the x- and y-axes represent 
the steady-state concentration of ·OH in the presence of UV/H2O2 and byproducts from 
surfactant photocatalytic degradation and initial rate of NH4+/NH3 photocatalytic 
degradation with addition of surfactant or monosaccharide divided by the same 
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parameters for the control experiment (i.e., NH4+/NH3 + UV/ TiO2; no surfactants or 
monosaccharides).  Figure 4.5 shows a positive correlation between relative initial rates 
of NH4+/NH3 degradation and relative steady-state concentrations of ·OH.  In other words, 
higher concentrations of ·OH, resulting from lower concentrations of ·OH scavengers, led 
to higher initial rates of NH4+/NH3 degradation.  There are no clear exceptions to this 
trend that can be attributed to molecule type (i.e., surfactant or monosaccharide), 
surfactant type (i.e., nonionic, anionic, or cationic), functional group (i.e., branched 
versus linear or aromatic versus nonaromatic), or head group.   
The coefficient of determination (R2) from least-squares linear regression was 
0.81.  From a statistical point of view, R2 represents the fraction of variability in y that 
can be explained by the variability in x (Taylor and Cihon, 2004).  Accordingly, a R2 
value of 0.81 means that the steady-state ·OH concentration (x), and correspondingly the 
concentration of ·OH scavengers, can explain about 81% of the variance in initial rates of 
NH4+/NH3 degradation (y).  This suggests that the formation of ·OH scavengers is the 
main reason for decreasing initial rates of NH4+/NH3 degradation in the presence of 
surfactants.   Some other factors such as adsorption of byproducts to the TiO2 surface 
could account for the other 19% of the variance in initial rates of NH4+/NH3 degradation.  
Adsorption could also be more important at higher surfactant loadings and/or lower TiO2 
surface area loadings, as discussed earlier. 
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Figure 4.5. Relative initial rate of NH4+/NH3 degradation versus relative concentration 
of ·OH in the presence of surfactants/monosaccharides. [NH3]T,0: (1.06 ± 0.14) × 10-4 M, 
[surfactants/monosaccharides]: 2 × 10-5 M except for Brij® 35 (1.2 × 10-5 M); pH: ~10.1 
Error bars are 95% confidence intervals of initial rates of NH4+/NH3 degradation and 
[·OH] (calculated from propagation of error, as described in Appendix D). The straight 
line is the linear regression line. The curved lines represent upper and lower bounds of 
the 95% confidence interval. 
 
 
Next we tested whether the detrimental effects of ·OH scavengers could be 
counteracted by increasing the steady-state ·OH concentration by adding 0.01 M H2O2 (an 
additional ·OH source when illuminated by UV light) and measuring the initial rate of 
NH4+/NH3 photocatalytic degradation in the presence of 1.2 × 10-5 M Brij® 35.  We 
chose 1.2 × 10-5 M Brij® 35 for this experiment because it decreased the initial rate of 
NH4+/NH3 degradation the most (90%) compared to the control (Figure 4.2).  We found 
that addition of 0.01 M H2O2 to a solution containing 1.2 × 10-5 M Brij® 35 increased the 
 72
initial rate of NH4+/NH3 photocatalytic degradation by a factor of approximately 2.3, and 
increased the concentration of ·OH by a factor of approximately 2.5, compared to 1.2 × 
10-5 M Brij® 35 alone.  This indicates that an additional ·OH source can partly 
compensate for detrimental effects of ·OH scavengers.  Our results also provide further 
evidence that ·OH scavenging is the mechanism by which rates of NH4+/NH3 are 
decreased in the presence of surfactants, since the data points for Brij® 35 with and 
without added H2O2 both fall along the same line of relative initial rate versus relative 
[·OH] (Figure 4.5).  
Since ·OH scavengers were responsible for decreased initial rates of NH4+/NH3 
degradation, we tried to identify species that could possibly act as ·OH scavengers.  Of 
the acid/conjugate base pair NH4+/NH3, only NH3 is reactive in TiO2 photocatalysis 
(Chapter 2); therefore the second order rate constant for reaction of NH3 with ·OH is 
shown in Table 4.1.  Figure 4.3 shows that the TOC remaining decreased during the 
photocatalytic degradation of NH4+/NH3 and surfactants, indicating organic carbon 
mineralization and production of carbonate.  At our experimental pH (~10.1), carbonate 
is present as both HCO3- and CO32-, but only CO32- reacts with ·OH faster than does NH3 
(Table 4.2), so only CO32- is a possible ·OH scavenger in our system.  Our previous study 
(Zhu et al. 2007) also concluded that CO32- slowed rates of NH4+/NH3 photocatalytic 
oxidation, probably by ·OH scavenging.   
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Table 4.2. Second order rate constants (k) of ·OH with organic/inorganic compounds  
 
 
 Compounds (ref.)1 k (M-1 s-1) (ref.)2 
NH3  1.0 × 108 (6) 
HCO3-/CO32- (1,2) 8.5 × 106 (7)/3.9 × 108 (7) 
Acetate (3)/acetic acid (1,4) 7 × 107 (8)/ 1.7 × 107 (8) 
Formate (3)/formic acid (1,4) 2.4 × 109 (8)/ 1.0 × 108 (8) 
Formaldehyde (1,2) 2.3 × 1010 (8) 
p-phenolsulfonic acid (5) 6.5 × 109 (9) 
Hydroquinone (5) 2.1 × 1010 (10) 
p-quinone (5) 6.6 × 109 (11) 
 
 
 
 
 
 
 
 
1Reference(s) showing that this compound is formed via surfactant degradation. 
2Reference(s) for the second order rate constant of this compound with ·OH. 3N/A 
means not applicable. (1). Hidaka et al. (1995); (2). Hidaka et al. (1992); (3). This 
work; (4). Horikoshi et al. (2002); (5). Sangchakr et al. (1995); (6). Neta et al., (1978); 
(7). Buxton et al. (1988); (8) Ervens et al. (2003); (9). Pramanick et al. (2000); (10). 
Ross (1977); (11). Schuchmann et al. (1998). 
 
As shown in Figure 4.3, we fortuitously detected formate and acetate as organic 
products of surfactant photocatalysis, which we next assessed as possible ·OH scavengers.   
While there was no relationship between acetate concentration and rates of NH4+/NH3 
degradation, there did, however, appear to be a correlation between formate concentration 
and NH4+/NH3 degradation rates, as illustrated in Figures 4.6A and 4.6B.  For instance, in 
the presence of Brij® 35 or NP10 (numbered 1 and 2 in Figure 4.6), there was a slower 
degradation rate of NH4+/NH3 as the concentration of formate increased, followed by a 
faster rate as the concentration of formate decreased.  The degradation rates of NH4+/NH3 
in the presence of several other surfactants also followed this trend.     
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Figure 4.6. NH4+/NH3 photocatalytic degradation (A) and formate formation (B) at 
pH ~ 10.1. [NH3]T,0: (1.06 ± 0.14) × 10-4 M, [surfactant]/[monosaccharides]: 2 × 10-5 
M, except for Brij® 35 (1.2 × 10-5 M); pH: ~10.1; [NaCl]: 0.001 M; the numbers on 
the figures represent NH4+/NH3 and formate concentrations in the presence of Brij® 
35 (1), NP10 (2), CTAC (3); CPC (4), and DSNa (5). 
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Specifically, NH4+/NH3 rates increased in the following order: Brij® 35 < NP10 < 
CTAC < CPC < DSNa  (Figure 4.6A), while the maximum concentration of formate 
decreased in the same order, i.e., Brij® 35 > NP10 > CTAC > CPC > DSNa (Figure 4.6B) 
(follow numbers 1 to 5 in sequence in both figures).  The degradation rates of NH4+/NH3 
in the presence of other surfactants and the monosaccharides (unnumbered data series in 
Figure 4.6) were too close to correlate.  Table 4.1 shows that acetate has a smaller second 
order rate constant with ·OH than does NH3, which explains why acetate did not act as 
a ·OH scavenger.  Formate, on the other hand, reacts faster with ·OH than does NH3 
(Table 4.1); thus it was an effective ·OH scavenger in our experiments.    
Formate account for a small fraction of the total organic carbon (TOC), and the 
majority of TOC from surfactant photocatalytic degradation was unidentified (Figure 4.3).  
It is likely that the unidentified TOC consists of species such as aldehydes and aromatic- 
and quinone-related compounds that have previously been identified in surfactant 
photodegradation (Hidaka et al., 1992, 1995; Zhao et al., 2003; Sangchakr et al., 1995).  
Of these compounds, only those with second order rate constants with ·OH that are 
similar to or greater than that for NH3 (108 M-1 s-1) (Neta et al., 1978; Ross, 1977; 
Pramanick et al., 2000; Schuchmann et al., 1998; Ervens et al., 2003) have the potential 
to react with ·OH faster than NH3, thus “scavenging” and lowering the steady state 
concentration of ·OH available for reaction with NH3.  Further research is needed to 
identify the role of different surfactant byproducts in ·OH scavenging.  Despite slowed 
rates of NH4+/NH3 degradation, both surfactants/monosaccharides and NH4+/NH3 were 
removed by TiO2 photocatalysis, indicating that this process can effectively treat both 
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carbonaceous biochemical oxygen demand (CBOD) and nitrogenous BOD (NBOD) in 
graywater.   
We also tested for a correlation between initial rates of NH4+/NH3 degradation 
and the mass concentration of carbon in the TiO2 suspensions.  Figure 4.7 shows a 
correlation with a R2 of 0.59, meaning that approximately 59% of the variance in initial 
rates of NH4+/NH3 degradation (y) can be explained by the mass concentration of carbon 
(x) (Taylor and Cihon, 2004).  The practical application of this is that one could measure 
the mass concentration of carbon (directly via TOC or indirectly via chemical oxygen 
demand (COD)) and estimate the initial rate of NH4+/NH3 degradation to determine the 
feasibility of using photocatalysis to remove NH4+/NH3 from graywater.  Again, factors 
like adsorption of byproducts from surfactant photocatalysis to the TiO2 surface could 
explain the remaining variance in initial rates of NH4+/NH3 degradation. 
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Figure 4.7. Initial rate of NH4+/NH3 degradation at pH 10.1 vs. the mass concentration of 
carbon. [NH3]T,0: (1.06 ± 0.14) × 10-4 M, [surfactant]/[monosaccharide]: 2 × 10-5 M, 
except for Brij® 35 (1.2 × 10-5 M). Error bars are 95% confidence intervals of initial rates 
of NH4+/NH3 degradation. The straight line is the linear regression line. The curved lines 
represent upper and lower bounds of the 95% confidence interval. 
 
4.4 Conclusions 
Photocatalytic degradation of NH4+/NH3 in the presence of surfactants was 
studied.  Photocatalytic degradation of surfactant was very fast compared to NH4+/NH3 
degradation.  Initial rates of NH4+/NH3 photocatalytic degradation was decreased 
approximately by 50-90% in the presence of chosen surfactants or monosaccharides.  
Decreased initial rates of NH4+/NH3 in the presence of 2 × 10-5 M surfactants were not 
due to adsorption of surfactants to the TiO2 surface.  Formation of ·OH scavengers, 
including formate and carbonate, was mainly responsible for decreasing initial rates of 
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NH4+/NH3 photocatalytic degradation in the presence of surfactants or monosaccharides.  
A negative correlation (R2 = 0.59) was observed between the initial rate of NH4+/NH3 
degradation and the mass concentration of carbon.  For practical purposes, one could 
roughly determine the feasibility of using photocatalytic oxidation to remove NH4+/NH3 
from graywater by measuring the concentration of TOC or COD in the system.  While 
surfactants decreased initial rates of NH4+/NH3 degradation, the photocatalysis process 
can effectively remove both surfactants and NH4+/NH3 from wastewater.  This indicates 
that photocatalysis can be used to remove both carbonaceous and nitrogenous BOD from 
graywater.    
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CHAPTER 5 
Conclusions and Recommendations 
 
5.1. Conclusions 
In this work, effects of the concentration of TiO2, pH, inorganic anions, and 
surfactants on NH4+/NH3 photocatalytic degradation were investigated.  Some major 
findings are listed below: 
 Without sufficient TiO2, complete oxidation of NH4+/NH3 to NO3- will not 
occur because TiO2 is required to oxide NO2- to NO3- during NH4+/NH3 
oxidation to NO2-.  For TiO2 concentrations ≥ 1 g/L,  
 Initial rates of NH4+/NH3 photocatalytic oxidation are proportional to the 
initial concentrations of neutral NH3, and not total NH3 (i.e., [NH4+] + 
[NH3]).  Thus, the pH-dependent equilibrium between NH4+ and NH3, and 
not the pH-dependent electrostatic attraction between NH4+ and the TiO2 
surface, is responsible for the increase in rates of NH4+/NH3 photocatalytic 
oxidation with increasing pH.   
 Photocatalytic oxidation of NH4+/NH3 to NO2- is the rate-limiting step in the 
complete oxidation of NH4+/NH3 to NO3- in the presence of common 
wastewater inorganic anions at pH > 9.   
 Different inorganic anions have different influences on NH4+/NH3 and NO2- 
photocatalytic oxidation.  Except for CO32-, which decreased the 
homogeneous oxidation rate of NH4+/NH3 by UV-illuminated hydrogen 
peroxide, ·OH scavenging by inorganic anions (Cl-, SO42-, H2PO4-/HPO42-, 
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and HCO3-) and/or direct oxidation of NH4+/NH3 and NO2- by anion radicals 
(Cl·, SO4·-, HPO4·-, and HCO3·) did not affect initial rates of TiO2 
photocatalytic oxidation.   
 Adsorption of HPO42- enhanced NH4+/NH3 photocatalytic oxidation at pH ~9 
and ~10, but it inhibited NO2- oxidation at low to neutral pH values.  The 
presence of Cl-, SO42-, and HCO3- had no effect on NH4+/NH3 and NO2- 
photocatalytic oxidation at pH ~9 and ~10, whereas CO32- slowed NH4+/NH3 
but not NO2- photocatalytic oxidation at pH ~11.   
 Photocatalysis can remove both surfactants and NH4+/NH3 from graywater.  
While surfactants dramatically decreased the initial rates of NH4+/NH3 
photocatalytic degradation by approximately50-90% in the presence of 
chosen surfactants or monosaccharides, more than 50% of NH4+/NH3 can be 
removed after 4 hours of UV illumination.  Adsorption of surfactants was not 
responsible for the decrease in initial rates of NH4+/NH3 degradation when a 
concentration of 2 × 10-5 M surfactants was applied.   
 Formation of hydroxyl radical (·OH) scavengers, including formate, from the 
photocatalytic degradation of surfactants, is the main reason for decreasing 
initial rates of NH4+/NH3 degradation.   
 
5.2. Recommendations for graywater recycling 
 pH is a very important parameter in NH4+/NH3 photocatalytic oxidation.  We 
should choose high pH values (> 9) to increase the fraction of total NH4+/NH3 
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in the form of NH3, in order to obtain a faster initial rate of NH4+/NH3 
photocatalytic degradation in graywater recycling.   
 TiO2 photocatalysis can remove both surfactants and NH4+/NH3 in graywater.  
This has practical applications in graywater recycling in that, different from 
the biological wastewater treatment, TiO2 photocatalysis only need one 
reactor for carbonaceous and nitrogenous biochemical oxygen demand 
(CBOD and NBOD) and NH4+/NH3 removal.  
 
5.3. Recommendations for future work 
 Since NO3- was detected as the final product of TiO2-based NH4+/NH3 
photocatalytic degradation in our study, it would be beneficial to develop an 
effective catalyst to directly convert NH4+/NH3 to N2.  To achieve this, some 
transition metals including Fe and Ru could be doped to the TiO2 catalyst to 
change the reaction mechanisms of NH4+/NH3 oxidation.   
 We used the TiO2 suspension to treat NH4+/NH3, which needs to have a post-
treatment step to remove the TiO2 particles after photocatalysis.  To 
overcome this step, to develop an immobilized catalyst (e.g., thin film) and 
test the efficiency of NH4+/NH3 removal would be very helpful.  This can 
also easily reuse the catalyst, which would decrease treatment cost. 
 Investigate possible reasons to cause the points that deviate from the 
regression line of the initial rates of NH4+/NH3 degradation as a function of 
[·OH] and the mass concentration of carbon.  Different adsorption affinities 
of intermediates from the photocatalytic degradation of surfactants could be 
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one of the reasons.  To identify the byproduct distribution of the 
photocatalytic degradation of surfactants using GC/MS or HPLC/MS and 
study the adsorption of these byproducts to the TiO2 surface could help get 
insights. 
 Precipitation would be occurring due to the presence of the mixed surfactants 
(e.g., anionic + cationic) in graywater.  To examine the effect of precipitation 
of surfactants on the TiO2 surface on the photocatalytic degradation of 
NH4+/NH3 can provide practical suggestions on graywater recycling.  
 Since graywater contains some other constituents such as urea and amino 
acids, it would be interesting to evaluate how these constituents influence 
NH4+/NH3 photocatalytic degradation in graywater recycling.  
  It will be useful to investigate complicated systems such as the combination 
of two or more parameters (e.g., amino acids + surfactants) and check overall 
removal efficiency of organic and inorganic contaminants in real graywater 
recycling.   
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APPENDIX A 
Detailed Experimental Procedures 
 
Preparation of stock solutions for kinetic batch experiments 
 
0.01 M NH4Cl stock solution. Weigh 0.107 g ammonium chloride into a 200 mL 
volumetric flask and fill it to the marked line with nanopure water.  
0.1 M NaCl stock solution. Weigh 0.5844 g sodium chloride into a 100 mL volumetric 
flask and fill it to the marked line with nanopure water.  Also weigh a certain amount of 
other inorganic anions (SO42-, H2PO4-/HPO42-, and HCO3-/CO32-) for the effect of 
inorganic anions on the photocatalytic degradation of NH4+/NH3 and NO2-. 
0.002 M surfactant stock solution. Weigh a certain amount of a surfactant into a 500 mL 
volumetric flask and fill it to the marked line with nanopure water.  
 
Step by step procedures to conduct a typical kinetic batch experiment of NH4+NH3 
photocatalytic degradation 
1. Add 13 mL 0.01 M NH4Cl and 0.1 M NaCl into a 1350 mL canning jar to obtain 
1 × 10-3 M NaCl and 1 × 10-4 M NH4Cl. 
2. Add 13 mL 0.002 M surfactant stock solution (when the effect of surfactants on 
the photocatalytic degradation of NH4+/NH3 is investigated) to obtain 2 × 10-5 M 
surfactant.  Otherwise, skip this step.  
3. Add 1274 mL nanopure water (or 1261 mL when a surfactant is present) into the 
canning jar so that the total volume of the solution is 1300 mL. 
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4. Put a stir bar into the jar and place the jar on the top of a magnetic stirrer, a piece 
of cardboard is placed between the stir plate and the jar to reduce heat transferring 
from the stirrer to the solution.  
5. Weigh 3.9 g Degussa P25 TiO2 into the solution to obtain 3 g/L TiO2. 
6. Use 0.5 M NaOH to adjust the suspension pH to ~10. 
7. The solution is covered with a piece of aluminum foil and a black plastic bag to 
keep the suspension in the dark for 24 hours to reach adsorption equilibrium.  If 
the suspension contains a surfactant, 48 hours is required instead. 
8. The suspension is then transferred to a Pyrex reactor from Ace glass  
9. A quartz cooling water jacket is inserted into the reactor, and a UV lamp is placed 
inside of the cooling water jacket.  
10. Put a Ross pH electrode (Orion) and NaOH transferring tip into the reactor to 
control the reaction pH around 10.1 when studying the effect of surfactants on the 
photocatalytic degradation of NH4+/NH3.  Otherwise go to next step.  
11. Turn on the tap water and let water flow through the cooling water jacket to 
remove the heat that is produced from the UV lamp, to maintain the suspension 
temperature around 25-32 ºC.  
12. Take about 35 mL TiO2 suspension before the light is turned on.  The suspension 
is filtered through a piece of 0.1 µm membrane to remove TiO2 particles for the 
measurement of NH4+/NH3, NO2-, and NO3-.  When surfactants 
(hexadecylpyridinium chloride (CPC), sodium dodecylbenzene sulfonate (SDBS), 
and nonylphenol polyethoxylate (10) (NP10)) are present in the suspension, 
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another 10 mL suspension is withdrawn to measure the concentration of 
surfactants and total organic carbon (TOC).   
13. Turn on the UV lamp and start the photocatalytic degradation of NH4+/NH3 and 
surfactants (when surfactants are present in some instances).  
14. Take suspensions at certain time intervals until about 60% of the initial 
concentration of NH4+/NH3 is degraded.  The suspensions are treated the same 
way as described in Step 12.  
 
Preparation of IC stock solution and standards 
 
1. Prepare a 0.02 M stock solution of formate, acetate, NO2-, NO3-, SO42-, and 
HPO42-. Add 0.136 g sodium formate, 0.2722 g sodium acetate, 0.138 g sodium 
nitrite, 0.17 g sodium nitrate, 0.284 g sodium sulfate, and 0.356 g disodium 
hydrogen phosphate dihydrate to a 100 mL volumetric flask.  Fill the flask to the 
marked line with nanopure water.  
2. Prepare calibration standards by diluting the stock solution (0.02 M).  For 
example, to prepare a 1 × 10-5 M of anions mentioned in step 1, add 50 µL of 0.02 
M stock solution to a 100 mL volumetric flask and fill the flask to the marked line 
with nanopure water.  The following table provides the volumes of stock solution 
to prepare standards at given concentrations.  
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Table A1. Calibration standards for IC analysis (100 mL in total) 
 
[Anion], M Vstock soln (µL) 
2.5 × 10-6 12.5 
5 × 10-6 25 
1 × 10-5 50 
5 × 10-5 250 
1 × 10-4 500 
2 × 10-4 1000 
 
 
 
Preparation of GC/FID stock solution and standards 
 
A headspace method was used to determine the concentration of n-BuCl during 
homogeneous photodegradation of n-BuCl.  Two stock solutions are first prepared and 
then the standards are prepared from the second stock solution.  
1. Preparation of n-BuCl stock solution 1 (2.42 × 10-3 M).  Add 15 µl 99% n-BuCl 
into a serum bottle with actual volume of 59 mL.  The bottle is rapidly capped 
with a Teflon-lined rubber septum and crimp-seal it.  The solution is then put on a 
shaker in a constant temperature chamber and shake for 24 hours to ensure that 
the dissolution of n-BuCl into nanopure water is completed.  
2. Preparation of n-BuCl stock solution 2 (1.01 × 10-5 M).  Add 245 µL stock 
solution 1 into another serum bottle (59 mL).  The bottle is rapidly capped with a 
Teflon-lined rubber septum and crimp-seal it.  The solution is then put on a shaker 
in a constant temperature chamber and shake for 24 hours.  
3. Preparation of n-BuCl calibration standards.  Calibration standards of n-BuCl are 
prepared by diluting the stock solution 2 of n-BuCl.  For example, to prepare a 
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concentration of 6.28 × 10-8 M n-BuCl standard, a 25 µL of n-BuCl stock solution 
2 and 3.975 mL nanopure water are added into a 22 mL vial and crimp-sealed 
with a Teflon-lined rubber septum.  The following table A2 summarizes the 
volumes of water and stock solution 2 to prepare given concentrations of 
standards.  
 
Table A2. Calibration standards for GC/FID analysis (4 mL solution in 22 mL vials) 
[n-BuCl], M Vwater (mL) Vstock soln (mL) 
6.28 × 10-8 3.975 0.025 
1.26 × 10-7 3.95 0.05 
2.51 × 10-7 3.9 0.1 
5.03 × 10-7 3.8 0.2 
1.26 × 10-6 3.5 0.5 
2.51 × 10-6 3 1 
6.28 × 10-6 1.5 2.5 
 
 
Procedures for determination of NH4+/NH3 
1. Prepare a series of calibration standards (the lowest concentration should be at or 
higher than 5 × 10-6 M) from a 0.01 M NH4Cl stock solution. 
2. Rinse the electrode with nanopure water and blot the water off (do not touch 
membrane). 
3. Connect the ammonia electrode to the pH meter, and choose mV mode by 
pressing “Mode” on the pH meter until “mV” appears. 
4. Immerse the electrode into 10 mL a pH 4 buffer solution until the number on the 
meter is around 130. 
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5. Rinse the electrode with nanopure water and immerse the electrode into the lower 
standard solution (10 mL), attention should be paid that there is no bubbles on the 
membrane. 
6. Add 0.2 mL ionic strength adjustment (ISA) solution and press “Measure” button 
on the meter. 
7. Wait until the meter says “ready” and record the number shown on the screen of 
the pH meter. 
8. Remove the electrode from the solution and rinse it with nanopure water. 
9. Follow step 5 to step 8 and measure higher concentrations. 
10. After finishing the standards measurement, measure unknown samples using the 
same procedure.  All standards and samples are measured in duplicates.  One 
blank is measured before the first standard and sample. 
11. When all samples are measured, rinse the electrode with nanopure water and soak 
it in a 0.1 M NH4Cl solution without adding ISA. 
 
Note: if the electrode will not be used for more than one week, dissemble completely and 
rinse the inner body, out body and bottom cap with nanopure water. Dry and reassemble 
electrode without filling solution or membrane. 
 
Procedure for determination of power output of the UV lamp 
1. Unplug two connectors (black and white) in the middle of the cords of the lamp. 
2. Put a red connector on each disconnected cord of the lamp. 
3. Turn on the Radioshack Digital Multimeter by pressing “SELECT” and switch it 
to the “V” function. 
4. Double press “SELECT” until a sign of AC current “~” appears on the screen. 
The red and black cords are connected to the positive (V.mA.Ω) pole and negative 
pole (COM), respectively.  
5. Plug both red and black leads of the multimeter across little red flakes in Step 2, 
and then turn on the lamp and record the reading of the voltage on the screen of 
the meter.  Usually it will take 2-3 minutes to get a stable reading after the lamp is 
turned on.     
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6. Switch the red cord of the multimeter from positive pole to current measurement 
(10A MAX).  
7. Switch the function from V to 10A for the measurement of current. 
8. Disconnect one of the connector of the lamp (either white or black). 
9. Use a piece of wire clamps on both ends to connect the multimeter to both ends of 
the connecter. 
10. Turn on the lamp and record the reading of current. 
11. Turn off the multimeter by pressing HOLD/ZERO and “RANGE” buttons. 
12. Calculate the power output by multiplying current and voltage, if the output 
decreased 10% of the initial value, indicating that the lamp is attenuated.  A new 
lamp should be replaced at this point.  
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APPENDIX B 
Estimation of Illuminated Water Volume as a Function of TiO2 
Concentration 
 
 
This appendix is related to chapter 2, providing details to estimate the illuminated 
water volume at a TiO2 concentration range of 0-3 g/L.   
First, a UV spectrum of TiO2 suspension (0.025 g/L) was obtained by a Shimadzu 
1601 UV-vis spectrophotometer, which is shown in Figure B1. 
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Figure B1. UV spectrum of 0.025 g/L TiO2 suspension at pH 9.9. 
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It is known that the band-gap of the Degussa P25 TiO2 is ~3.2 eV (Li et al., 2007), 
which corresponds to a wavelength of 388 nm.  From Figure B1, the absorbance (A) of 
the TiO2 suspension at 388 nm is 0.482.  We then applied the Beer-Lambert law  
 
A = -logT = -log (I/I0)= abc   (B1) 
  
Where A is UV absorbance; T is UV transmittance; I0 and I represent for the initial light 
intensity before and after passing the suspension; a is the absorbance coefficient; b is the 
path length of the sample (cm); and c is the concentration of TiO2 suspension in this case.  
Equation B1 was reorganized as: 
a = A/bc            (B2) 
 
We calculated the absorbance coefficient with a value of 19.28 L g-1 cm-1 by 
plugging the values of A, b, and c.  Since the coefficient “a” is only dependent on the 
nature of the solution at a certain wavelength, it is a constant at different concentration of 
TiO2 at a wavelength of 388 nm.  
Equation B1 was reorganized as 
I/I0 = 10-abc     (B3) 
We defined r1 as the distance between the center of the UV lamp and outside of 
the cooling water jacket (r1 = 2.65 cm), r2 as the radius of the photoreactor as described in 
chapter 2 (r2 = 4.5 cm), and b as the distance that the UV light can pass through the water.  
We used an excel spreadsheet to calculate I/I0 at a certain b and c.  Then we sorted out b 
values at which I/I0 = 0.01 for each TiO2 concentration.  The reason to choose I/I0 = 0.01 
is because 99% of the UV light was absorbed/scattered by the TiO2 particles and the 
other 1% of the UV light would also be attenuated at a little further distance.  
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Furthermore, the value from the UV-vis spectrophotometer is not reliable UV 
transmittance is lower than 1%, i.e., I/I0 =10-2 = 0.01.   
According to the b value, percentage of illuminated water volume (V/V0) was 
calculated by dividing the illuminated water volume (V) by the total water volume in the 
reactor (V0), according to the following equation: 
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Where h is the height of the suspension in the reactor.  The illuminated water volume 
versus the TiO2 concentration was then plotted, as shown in Figure B2.  The actual values 
of the percentage of illuminated water volume vary with the chosen wavelength and the 
light intensity during the calculation, but the trend will be the same.  After comparing the 
percentage of illuminated water volume as TiO2 concentration increased, the extent to 
absorbing and scattering of the UV light by TiO2 particles is obvious.  In other words, 
homogeneous degradation of ammonia is insignificant when the TiO2 concentration if at 
3 g/L.  
 109
010
20
30
40
50
60
0 1 2 3
TiO2 (g/L)
Il
lu
m
in
at
ed
 w
at
er
 v
ol
um
e 
(%
4
)
 
Figure B2. Percentage of illuminated water volume versus TiO2 concentration at the light 
intensity (I/I0) of 0.01 at a wavelength of 388 nm.  
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APPENDIX C 
Sequential First Order Reaction Rate Law 
 
 
The integrated differential equations corresponding to reaction 1.2 in chapter 2 are 
shown in equations C1-3 (Steinfeld et al., 1999).   
t
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In these equations, [NH3]T,0 is the initial concentration of total NH3 (i.e., [NH4+] + 
[NH3]); and [NH3]T,t, [NO2-]t, and [NO3-]t are the concentrations of total NH3, NO2-, and 
NO3- at a given time t, respectively.  Equation C1 is the integrated rate law for total NH3 
disappearance and equations C2 and C3 are the integrated rate laws for NO2- and NO3- 
formation.   
Sigma Plot (version 2001) was used to calculate k1 and k2 by non-linear regression 
of the experimental concentrations of total NH3, NO2-, and NO3- versus time using 
equations C1–C3.  These k1 and k2 values were plugged into equations C1–C3, and the 
concentration of each species was calculated as functions of time, then plotted as solid 
lines in Figures 2.3d.   
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APPENDIX D 
Measurement of the Concentration of ·OH in UV/H2O2 System 
 
This appendix provides details on the principle of measurement of the 
concentration of ·OH in UV/H2O2 system after UV-illumination of NH4+/NH3-surfactant 
mixture for 2 hours.  Photocatalytic degradation of n-chloro-butane (n-BuCl) in H2O2/UV 
is then provided, followed by the summary of pseudo first order rate constants of n-BuCl 
photodegradation and the steady state concentration ·OH.  All the information belongs to 
chapter 4. 
Basically, a microprobe compound n-BuCl was used to determine the 
concentration of ·OH in the UV/H2O2 system.  It was assumed that the degradation of n-
BuCl is proportional to the concentrations of n-BuCl and ·OH (Hagg and Hoigné, 1985), 
and the differential equation of the reaction rate was written as (Liao et al., 2002): 
 
]OH][BuCl[
t
[BuCl] ⋅−= k
d
d    (D1) 
 
where k is the second order rate constant of n-BuCl photodegradation.  If some ·OH 
scavengers (e.g., HCO3-/CO32- and formate) were present in the solution, they would 
compete with n-BuCl for ·OH.  Then the consumption of ·OH would be due to the 
combination of n-BuCl and ·OH scavengers, which was expressed as the following 
equation (Hagg and Hoigné, 1985): 
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∑−⋅−=⋅ ]·][[] OH][BuCl[tOH][ OHSkkdd ii     (D2) 
 
where Si is the ·OH scavenger, and ki is the second order rate constant of the reaction of 
·OH with ·OH scavengers.  If the concentration of Si is significantly greater than n-BuCl, 
we assumed that (Hagg and Hoigné, 1985): 
 
k[BuCl] << ki[Si]   (D3) 
 
So the consumption rate of ·OH was controlled by the sum of the rates of the reactions of 
·OH scavengers with ·OH (Hagg and Hoigné, 1985): 
 
∑ ⋅−=⋅ ]OH][[StOH][ iikdd     (D4) 
 
During the reactions, ·OH is so reactive that it does not accumulate to any 
significant amount.  In other words, the formation rate of ·OH is equal to the destruction 
rate of ·OH.  At this point, we assumed [·OH] was at a steady state concentration, called 
[·OH]ss.  So the equation D1 was written as equation D5 (Hagg and Hoigné, 1985): 
 
ss] OH][BuCl[
t
[BuCl] ⋅−= k
d
d     (D5) 
Assume 
ss] OH[´ ⋅= kk      (D6) 
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]BuCl[´
t
]BuCl[ k
d
d −=∴    (D7) 
 
The value k in equation D4 was reported in the literature, 3 × 109 M-1 s-1 (Haag 
and Hoigné, 1985).  We plotted the concentration of n-BuCl as function of the irradiation 
time; the experimental data were then fit to the pseudo-first order reaction model 
(equation D7), and the value k΄ was obtained from non-linear least-squares regression.  
The steady-state concentration of ·OH was then calculated from equation D6.   
The following figures (Figures D1-D11) illustrate the photodegradation of n-BuCl 
by UV/H2O2 after the photocatalytic degradation of NH4+/NH3 and 
surfactants/monosaccharides for two hours at pH ~10.1.  Table D1 summarizes pseudo 
first order rate constants of n-BuCl degradation and steady-state concentrations of ·OH in 
the presence of surfactants/monosaccharides at pH ~10.1. 
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Figure D1. Photodegradation of n-BuCl without surfactants (control)  
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 Figure D2. Photodegradation of n-BuCl with 2 ×10-5 M cetylpyridinium chloride 
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Figure D3. Photodegradation of n-BuCl with 2 ×10-5 M hexyl-β-D-glucoside 
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Figure D4. Photodegradation of n-BuCl with 2 ×10-5 M 1-octanesulfonic acid sodium 
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Figure D5. Photodegradation of n-BuCl with 2 ×10-5 M dihexyl sulfosuccinate 
sodium 
  
 Time (min)
0 2 4 6 8 10 12 14
[ n
-B
uC
l]  
(M
)
0
1e-6
2e-6
3e-6
4e-6
5e-6
 
 Figure D6. Photodegradation of n-BuCl with 2 ×10-5 M sodium dodecylsulfate 
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Figure D7. Photodegradation of n-BuCl with 2 ×10-5 M cetyltrimethylammonium 
chloride 
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Figure D8. Photodegradation of n-BuCl with 1.2 ×10-5 M Brij® 23 lauryl ether 
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 Figure D9. Photodegradation of n-BuCl with 1.2 ×10-5 M Brij® 23 lauryl ether and 0.01 M 
H2O2  
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Figure D10. Photodegradation of n-BuCl with 2 ×10-5 helicin 
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 Figure D11. Photodegradation of n-BuCl with 2 ×10-5 ally-tetra-O-acetyl -β-D- 
glucopyranoside 
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Table D1. Pseudo first order rate constants of n-BuCl degradation and steady-state 
concentration of ·OH in the presence of surfactant/monosaccharide at pH ~ 10.1 
 
Surfactant k´ (min-1) 1  [·OH]ss × 1012 (M) 2
No surfactant (control) 0.254 ± 0.0140 1.41 ± 0.17 
Nonylphenol polyethoxylate (10)  0.0688 ± 0.00390 0.382 ± 0.0490 
Sodium dodecylbenzene sulfonate  0.128 ± 0.00640 0.713 ±0.080 
Cetylpyridinium chloride  0.0804 ± 0.00270 0.447 ± 0.0330 
Sodium dodecylsulfate  0.152 ± 0.00700 0.856 ± 0.0856 
Brij® 23 lauryl ether 0.0323 ± 0.00100 0.180 ± 0.0122 
Hexyl-β-D-glucoside 0.151 ± 0.00620 0.841 ± 0.0767 
Cetyltrimethylammonium chloride  0.0699 ± 0.00150 0.389 ± 0.0183 
1-Octanesulfonic acid sodium  0.186 ± 0.00840 1.03 ± 0.010 
Dihexyl sulfosuccinate 0.119 ± 0.00140 0.662 ± 0.0171 
Helicin 0.163 ± 0.00520 0.907 ± 0.0629 
Allyl-tetra-O-acetyl-β-D-glucopyranoside 0.134 ± 0.00290 0.747 ± 0.0355 
Brij® 23 lauryl ether with 0.01 M H2O2 0.0822 ± 0.00380 0.456 ± 0.0465 
1: errors are standard errors from the nonlinear regression output; 2errors are 95% 
confidence intervals of [·OH]ss, which are determined from standard errors and t values 
from a student t distribution table as shown below. 
 
 
Error propagation method was used to estimate the standard error of [·OH]ss, 
SE([·OH]ss, which is expressed as (Skoog et al., 1996):  
 
⎟⎠
⎞⎜⎝
⎛×⋅=⋅
′
)′(SE]OH[)]OH([SE
k
k
ss      (D8) 
 
95% confidence interval of [·OH]ss were then determined from their standard errors and t-
values from a student t distribution table (Miller and Miller, 1988): 
[·OH]ss = [·OH]ss ± SE[·OH]ss) × t(α/2), (n-1)  (D9) 
 
where α = 0.05(95% confidence interval), n is the number of experimental data points 
used in this regression, and n-1 is the degrees of freedom.  
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An example calculation of standard error of the [·OH]ss for the control experiment 
is shown below. 
First the steady state concentration of ·OH was calculated based on equation D6: 
 
M1041.1
s60
min1
sM103
min254.0]OH[ 12119
1
ss
−
−−
−
×=××=⋅     (D10) 
 
Then the standard error of the [·OH]ss, SE([·OH]ss) was calculated according to equation 
D8: 
 
1412
ss 1077.7254.0
014.01041.1OH]SE([ −− ×=⎟⎠
⎞⎜⎝
⎛××=⋅       (D11) 
 
Then 95% confidence interval of [·OH]ss was then calculated from equation D9:  
[OH]ss  = 1.41 × 10-12 M ± (7.77 × 10-14 × 2.201) 
= (1.41 ± 0.17) × 10-12 M      (D12) 
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Appendix E 
 
Profiles of the Photocatalytic Degradation of 
 Ammonia in the Presence of Surfactants/monosaccharides 
 
This appendix provides the profiles of homogeneous degradation of SDBS, CPC, and 
NP10 and ammonia degradation with/without surfactants/ monosaccharide and their 
byproduct distribution at pH ~10.1.  All these figures are related to chapter 4. 
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Figure E1. Homogeneous degradation of CPC, NP10, and SDBS at pH ~10.1. [NaCl]: 
0.001 M. 
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Figure E2. Photocatalytic degradation of NH4+/NH3 without surfactants (control)  
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Figure E3. NH4+/NH3 degradation with 2 × 10-5 M sodium dodecylbenzene sulfonate  
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Figure E4. NH4+/NH3 degradation with 2 × 10-5 M 1-octanesulfonic acid sodium  
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Figure E5. NH4+/NH3 degradation with 2 × 10-5 M dihexyl sulfosuccinate sodium  
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Figure E6. NH4+/NH3 degradation with 2 × 10-5 M sodium dodecylsulfate  
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Figure E7. NH4+/NH3 degradation with 2 × 10-5 M cetylpyridinium chloride  
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Figure E8. NH4+/NH3 degradation with 2 × 10-5 M cetyltrimethylammonium 
chloride  
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Figure E9. NH4+/NH3 degradation with 2 × 10-5 M NP10  
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Figure E10. NH4+/NH3 degradation with 2 × 10-5 M hexyl-β-D-glucoside  
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Figure E11. NH4+/NH3 degradation with 1.2 × 10-5 M Brij®35 
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Figure E12. NH4+/NH3 degradation with 1.2 × 10-5 M Brij® 35 and 0.01 M H2O2  
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Figure E13. NH4+/NH3 degradation with 2 × 10-5 M ally-tetra-O-acetyl-β-D-
glucopyranoside  
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Figure E14. NH4+/NH3 degradation with 2 × 10-5 M helicin  
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 131
APPENDIX F 
 
Determination of Critical Micelle Concentration of Surfactants and 
Surface Coverage of Surfactants on the TiO2 Surface 
 
This appendix provides details on critical micelle concentration (CMC) 
measurement and how to calculate surface coverage by surfactants (SDBS, CPC, and 
NP10) on TiO2, which are related to chapter 4.   Surfactant CMCs were determined by 
surface tension measurements using a Krüss K-8 interfacial tensiometer  (Hamburg, 
Germany).  This instrument operates on the DuNouy principle, in which a platinum–
iridium ring is suspended from a torsion balance, and the force (in mN/m) need to pull 
the ring free from the surface film (surface tension) is measured.   By plotting the surface 
tension as a function of logarithm a surfactant concentration, the concentration where the 
surface tension starts to level off is the CMC.   All the CMCs measurements were 
conducted in 0.001 M NaCl at 26 ºC, which were also used in kinetic studies.  Figures 
F1-F3 are the CMCs of SDBS, CPC, and NP10, respectively.  
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CMC = 1 × 10-3 M
Figure F1. Surface tension versus concentration of SDBS  
 
 
 
 
 
 
 
 133
 
 
 
 
 
 
 
 
 
20
30
40
50
1.00E-04 1.00E-03 1.00E-02 1.00E-01
Concentration (M)
Su
rf
ac
e 
te
ns
io
n 
(m
N
/m
)
 
CMC = 8 × 10-4 M
Figure F2. Surface tension versus concentration of CPC  
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CMC = 6 × 10-5 M
Figure F3. Surface tension versus concentration of NP10  
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Calculation method for TiO2 surface coverage by surfactants 
 
Gibbs adsorption equation was used to calculate the surface coverage by a 
hydrophilic head group of a surfactant (Rosen, 2004, all equations in this appendix are 
also from this reference).  This calculation assumed that the surface was saturated by a 
surfactant.  First a figure of surface tension (γ) as function of natural logarithm of the 
concentration (C) of surfactant (which is below or equal the CMC) was plotted.  The 
slope of the plot, 
Cln 
γ
d
d , is equal to –ГmRT (-2 ГmRT for an ionic surfactant due to its 
dissociation), where Гm is Gibbs surface excess concentration of a surfactant (mol/m2) at 
surface saturation, i.e., the amount of a surfactant per unit m2 of air-water interface, R is 
ideal gas constant, and T is absolute temperature (299.15 K in this study).  Then Гm was 
obtained from the slope of the plot.  The surface area per head group at surface saturation 
and surface coverage of the surfactant to the TiO2 surface was then calculated from Г.  
An example of surface coverage by NP10 is given below: 
 The following table lists lnC of NP10 and corresponding surface tension.  
 
Table F1. Concentration of NP10 and surface tension 
lnC Surface tension (N/m) 
-11.503 0.0441 
-10.810 0.0389 
-10.404 0.0358 
-9.999 0.0333 
-9.711 0.0318 
 
A plot of lnC versus surface tension is presented below (Figure F4) and the slope of the 
plot is -0.0069 N/m.  
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Figure F4. Surface tension as function of natural logarithm of NP10 concentrations 
 
 
So  – ГmRT = -0.0069 N/m     (F1) 
 
K)2615.273(J/mol.K314.8
N/m0069.0
m +×=Γ = 2.77 × 10
-6 mol/m2      (F2) 
 
So the surface area per head group at the interface (αms) was calculated: 
/moleculem1000.6
olmolecule/m1002.6mol/m1077.2
1 219-
2326 ×=×××= −
s
mα  (F3) 
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So surface coverage was calculated (12% of NP10 is adsorbed to the TiO2 surface with 
its initial concentration of 2 × 10-5 M), assuming that the surface area of the TiO2 is 50 
m2/g (production information from Degussa Corporation): 
 
Surface coverage = 
%100
/gm50g/L3
/moleculem10997.5olmolecule/m1002.60.12mol/L102
2
219235
××
×××××× −−  
= 0.6%            (F4) 
 
This method estimated the minimum surface coverage assuming only the head group of 
the surfactant was adsorbed to the TiO2 surface.  Table F2 summarizes percentage 
surfactant adsorbed on the TiO2 surface, surface area per head group, and the minimum 
surface coverage by a surfactant, provided a concentration of 2 × 10-5 M surfactants is 
used.  
 
Table F2. Surface area of head group of surfactants and their surface coverage 
Surfactant Percent 
adsorbed (%) 
Surface area 
(m2/molecule) 
Surface coverage (%) 
NP10 12 6.00 × 10-19 0.6-4 
SDBS 17 3.44 × 10-19 0.5-5 
CPC 77 7.65 × 10-19 6-27 
 
Next, we estimated the maximum surface coverage assuming the entire surfactant 
molecule is lying on the TiO2 surface, which is possible when surfactant concentrations 
are an order of magnitude below their CMCs.   Since the NP10 concentration we used (2 
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× 10-5 M) was only three times lower than its CMC (6 × 10-5 M, Table S1), the actual 
surface coverage by NP10 was likely below the maximum value.  First, we estimated the 
surface area of –CH2, –CH3 by dividing the volume by the length of the functional groups 
(Nagarajan, 1996). Then the total surface area of the surfactant can be calculated by 
adding the surface area of total –CH2, -CH3, and benzene ring (110A, Senn, 1961) and 
the head group of the surfactant.  The maximum surface coverage can then be calculated 
from equation F4 using the total surface area of the molecule instead of the surface area 
of the head group.  The values are listed in Table F2.   
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